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Abstract  of  Dissertation  Presented  to  the  Graduate  Council  in 

Partial  Fulfillment  of  the  Requirements  for  the  Degree  of 

Doctor  of  Philosophy 

NEW  METHODS  FOR  THE  COLORIMETRIC  DETERMINATION 
OF  HALOGEN  RESIDUALS 

By 

George  Patterson  Whittle 
August  1966 

Chairman::  Dr.  A.  P.  Black 

Major  Department;  Chemistry 

A sensitive  and  reproducible  colorimetric  method  for  the  deter- 
mination of  iodine  residuals  in  water  in  the  presence  of  free  and  com- 
bined chlorine  has  been  developed,  employing  a mixed  indicator  con- 
sisting of  the  leuco  base  of  crystal  violet,  Methylidynetris 

(N,N-dimethylaniline)  and  mercury  (II)  chloride.  This  determination 
is  based  on  the  fact  that  hypoiodous  acid,  HIO,  in  the  presence  of 
mercury  (II)  chloride,  rapidly  oxidizes  the  organic  indicator  molecule 
to  its  highly  colored  dye  form,  crystal  violet.  The  mercury  (II) 
chloride  eliminates  interference  by  mono chloramines  or  other  N-chloro 
compounds  which  may  be  present. 

Interference  from  free  chlorine  is  eliminated  by  the  addition 

of  a concentrated  ammonium  salt  buffer  and  the  subsequent  formation  of 
mono  chlo  ramin  e . 

A colorimetric  method  for  the  determination  of  iodide  ion,  l“, 
residuals  has  been  developed  employing  potassium  peroxymonosulfate, 
KRjO^,  to  first  oxidize  the  iodide  ion  to  iodine  which  may  then  be 
determined  as  previously  described. 

Similarly,  a colorimetric  method  for  the  determination  of  the 
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iodate  ion,  I03"f  has  been  developed  in  which,  through  the  controlled 
addition  of  iodide  ions  and  acid,  the  iodate  ion  oxidizes  I"  to  I0. 

The  reaction  is  stoichiometric  and  the.  concentration  of  iodate  ion  may 
be  calculated  from  the  iodine  liberated. 

me  colored  solutions  formed  in  the  methods  for  all  three  forms 
of  iodine  residuals  exhibit  a maximum  absorption  in  the  visible  region 

at  5920  2 and  Beer's  lav  is  followed  up  to  an  iodine  concentration  of 
■ 5.0  parts  per  million. 

to  extensive  kinetic  study  was  performed  on  the  reaction  of 
iodine  with  leuco  crystal  violet  and  the  reaction  rates  were  determined 
as  a function  of  iodine  concentration,  iodide  ion  concentration,  and 
temperature.  Near  first  order  kinetics  were  followed  initially  in  the 
reaction,  and  a subsequent  large  reduction  in  the  rate  was  found  to  be 
due  to  the  inhibiting  effect  of  the  iodide  ion  produced  as  a reaction 
product.  Evidence  has  been  presented  that  the  oxidation  process  takes 
place  exclusively  through  hypoiodous  acid  which  is  produced  by  the 
hydrolysis  of  iodine,  I . 

A rate  equation  has  been  presented  based  upon  an  initial  forma- 
tion  of  EO  from  the  hydrolysis  of  I.,  and  the  subsequent  reaction  of 
BIO  with  leuco  crystal  violet.  The  rate  equation  shows  that  the  in- 
hxbition  of  the  reaction  rate  results  fron  the  formation  of  iodide  ion 

ay  hydrolysis  of  lj  and  as  a reaction  product  from  the  oxidation  of 
leuco  crystal  violet. 

The  initial  reaction  rates  as  a function  of  temperature  were 
determined  and,  assuming  first  order  kinetics,  the  rate  constants  as 
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a function  of  temperature  were  employed  to  calculate  an  apparent 
energy  of  activation,  AHa,  of  2 6 Kcal/mole. 

The  function  of  mercury  (II)  chloride  was  demonstrated  to  be 
the  removal  of  the  iodide  ion  from  solution  by  the  formation  of  the 
highly  stable  mercury  (II)  tetraiodo  ion,  permitting  the  rapid  oxida- 
tion of  leuco  crystal  violet  by  HIO. 

Spectral  studies  in  the  ultraviolet  region  of  dilute  aqueous 
solutions  of  mono chloramine  and  mercury  (II)  chloride  indicated  no 
coordinate  bond  formation  between  NH2C1  and  HgCl,,  through  the  nitrogen 
lone  pair,  A bond  between  the  chlorine  atom  in  NHLjCl  and  Hg(Il)  was 
proposed  as  the  means  by  which  the  oxidative  effect  of  NI^Cl  was 
inhibited. 
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I.  INTRODUCTION 


Three  members  of  the  halogen  group  of  elements  are  extensively 
used  for  the  disinfection  of  potable  and  swimming  pool  waters.  These 
elements,  in  decreasing  rank  of  present-day  utilization  for  this  pur- 
pose, are  chlorine,  iodine,  and  bromine. 

Chlorine  was  first  used  in  this  country  in  1908  ’ for  the  dis- 
infection of  public  water  supplies  and  is  today  the  most  widely  used 
water  disinfectant  throughout  the  world.  The  use  of  chlorine  for  this 
purpose  constitutes  one  of  the  greatest  advances  ever  made  in  pre- 
ventive public  health.  In  recent  years, ^ however,  it  has  become  clear 
that  chlorine  is  not  the  ideal  disinfectant  for  water.  The  Gross 
Report-'  to  the  Surgeon  General  points  out  that  chlorine  is  ineffective 
against  certain  microorganisms  in  the  concentrations  of  chlorine 
normally  used  in  water  works  systems  including  certain  viruses,  cysts 
of  Endamoeba  histolytica,  nematodes  and  slime  bacteria.  Other  objec- 
tions to  the  use  of  chlorine  include  its  loss  of  effectiveness  as  a 
bactericide  with  increase  of  pH  values  and  the  reaction  of  chlorine 
with  ammonia  and  ammonium  salts  to  form  chloramines  which  have  relatively 
little  disinfecting  power.  Lastly,  its  great  chemical  activity  results 
in  its  reacting  with  organic  compounds  increasingly  present  in  public 
water  supplies  to  produce  objectionable  odors  and  tastes  and  to 
materially  increase  the  chlorine  demand  of  the  water  being  treated. 

There  is  also  the  possibility  that  the  chlorinated  organic  compounds 


- 1 - 


formed  may  have  a toxic  physiological  effect. 

Iodine  was  not  recognized  for  application  to  water  until  1953 
4 

when  Chang  and  Morris  carried  out  basic  studies  showing  the  effective- 
ness of  iodine  as  a disinfectant  for  drinking  water.  Largely  as  a 
result  of  their  work,  the  military  adopted  iodine  for  the  disinfection 
of  canteen  water  in  the  field.  In  1959,  Black,  Lackey  and  Lackey^ 
published  the  first  study  of  the  use  of  iodine  for  the  disinfection  of 
swimming  pool  water.  This  work,  together  with  that  of  others8, 

resulted  in  its  tentative  approval  in  1962  by  the  U.  S.  Public  Health 

9 10 

Service  for  swimming  pool  disinfection.  In  1965,  Black,  et  al. 

demonstrated  the  effectiveness  of  iodine  for  the  disinfection  of  public 

water  supplies  and  determined  that  iodine  at  concentrations  which  gave 

excellent  disinfection  had  no  adverse  physiological  effects  on  a human 

population. 

11  12 

Bromine  * has  been  employed  on  a limited  scale  for  the  dis- 
infection of  swimming  pool  waters  only,  but  has  not  found  widespread 
acceptance. 

For  the  determination  and  control  of  chlorine  residuals  in  water, 
it  appears  that  around  1905  the  use  of  o-tolidine  (3,3,-Dimethyl-4,4l- 
diamobiphenyl)  a3  a colorimetric  reagent  had  received  considerable 
attention. ^ Phelps^  in  1906  and  later  Ellms  and  Hauser^  in  1913 
developed  the  o-tolidine  test  for  chlorine  residuals  which,  except  for 
minor  modifications  has  remained  the  standard  procedure  to  the  present 
time.  This  test,  properly  performed,  is  difficult  to  carry  out  and  the 
results  are  not  always  correctly  interpreted.  The  reaction  between 
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colorless  o-tolidine  and  a chlorine  residual  involves  an  oxidation  step 
producing  a product  of  a quinoid  type  structure  v&th  a characteristic 
yellow  color.  The  reaction  is  of  a general  type  not  specific  for 
chlorine,  and  in  the  presence  of  unstable  oxides  and  reducing  compounds 
results  in  false  readings.  More  important-  i3  the  lack  of  specificity 
of  the  test  for  a particular  halogen  residual  at  ambient  temperatures 
in  that  the  color  developed  may  be  produced  by  both  free  chlorine  and 
combined  chlorine.  Only  by  lowering  the  temperature  of  the  sample  to 
near  0°C  is  it  possible  to  approximately  determine  the  concentration 
of  free  chlorine  in  the  presence  of  combined  chlorine.  Modifications 
of  the  o-tolidine  test  for  free  chlorine  proposed  by  Hallinan,^  Laux,^ 

xs 

and  others  require  rather  involved  laboratory  procedures  unsuitable 
for  field  testing.  The  result  has  been  that  for  the  past  fifty  years 
or  more,  the  standard  colorimetric  test  for  chlorine  residuals  using 
o-tolidine  has  been  unsatisfactory  for  the  determination  of  free 
chlorine.  The  failure  of  this  test  as  commonly  performed  to  distinguish 
between  free  and  combined  chlorine  residuals  at  pool  water  temperatures 
renders  it  unsuitable.  The  need  for  a rapid  and  accurate  colorimetric 
test  for  free  chlorine  residuals  is  apparent  since  it  is  necessary  that 
adequate  free  chlorine  residuals  be  continuously  maintained  in  the  water 
to  be  disinfected  in  order  to  provide  maximum  protection  for  the  public 
health. 

19 

In  a previous  study,  the  author  has  shown  that  the  leuco  base 
of  crystal  violet  (4,V ,4"-Methylidynetris  (N,N-dimethylaniline)  may  be 
used  as  the  basis  for  a simple,  accurate  and  sensitive  colorimetric  test 
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for  iodine  residuals  in  water.  However,  this  method  as  first  developed 
is  limited  to  the  determination  of  iodine  in  the  absence  of  other 
oxidants  such  as  free  chlorine,  chloramines  and  chlorine-releasing 
organic  compounds.  It  is  desirable  to  extend  its  application  to  those 
situations  where  iodine  and  an  excess  of  an  oxidizing  agent  are  present 
together. 

o 

The  U.  S.  Public  Health  Service,  in  its  tentative  approval  of 
iodine  for  disinfection  of  swimming  pool  water,  restricted  the  allowable 
concentration  of  iodine  in  all  forms,  i.e.  iodine,  iodide  and  iodate 
ions,  to  not  more  than  five  parts  per  million.  Therefore,  it  is 
desirable  to  have  available  a rapid  and  accurate  colorimetric  method 
for  the  determination  of  each  of  these  residuals  in  order  to  maintain 
the  total  iodine  present  within  the  allowable  concentration  range. 

This  study,  based  on  the  reactions  of  the  leuco  base  of  crystal 
violet,  was  undertaken  with  the  following  objectives. 

1.  To  develop  a rapid,  sensitive,  and  accurate  colorimetric 
method  for  the  determination  of  iodine  in  the  presence  of  free  chlorine 
and  chlorinated  oxidants. 

2.  To  develop  a colorimetric  method  for  the  determination  of 
the  iodide  and  iodate  ions. 

3*  To  develop  a colorimetric  method  for  the  determination  of 
free  chlorine  residuals  at  pool  water  temperatures  in  the  presence  of 
combined  chlorine.  The  method  is  to  be  simple  and  rapid  in  application 
and  must  be  both  sensitive  and  accurate. 

4.  To  elucidate  the  rates  and  mechanisms  of  reactions  and  the 
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structure  of  products  formed  in  the  reaction  of  the  leuco  base  of 
crystal  violet  and  certain  halogen  residuals. 


II.  REVIEW  OF  THE  LITERATURE 
Method  for  Determination  of  Halogen  Residuals 
Iodine  Residuals 

A review  of  the  literature  to  1964  on  the  determination  of 
iodine  residuals  has  been  previously  reported  by  the  author.'1'9  A 
summary  of  the  earlier  survey  and  studies  of  interest  reported  since 
1964  are  presented  below. 

Starch  as  a colorimetric  indicator  has  been  studied  extensively 
20  21  22 

by  many  investigators  * * but,  in  general,  there  has  been  a lack 

of  confidence  in  this  reagent  especially  for  the  determination  of 

iodine  in  concentrations  less  than  1.0  parts  per  million. 

The  use  of  organic  reagents  for  colorimetric  methods  probably 

began  with  the  work  of  Schultz23  in  1874,  who  reported  that  benzidine 

produced  highly  colored  reaction  products  when  subjected  to  the  action 

of  oxidants  such  as  the  halogens.  Many  investigators22**23*28  have 

studied  the  oxidation  of  benzidine  and  its  homo log  o-tolidine  by  the 

halogens.  Other  organic  reagents  which  have  been  studied  include 

dipyridyls,27  benzacridenes,28  nap tho flavine, 29  polyvinyl-pyrrolidone,30 

polyvinyl  borate, ^ N— substituted  p— aminophenols,32  and  diphenylamines . 33 

34 

Feigl  and  Jungreis^  proposed  N-substituted  tetramethyldiaminodiphenyl 

methane  for  the  ultradetection  of  iodine  employing  chloramine  T to 
oxidize  I”  to  I0. 
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Recently,  much  interest  has  been  shown  in  the  reaction  of  the 
triphenylmethane  dyes  with  iodine  to  produce  highly  colored  complexes. 
The  dyes  studied  include  brilliant  green, methyl  violet,-^  malachite 
green,  and  crystal  violet. These  methods  involve  reactions  of  the 
dye  with  iodine  followed  by  extraction  of  the  complex  formed  into  an 
organic  solvent  and  measurement  of  the  absorbance  of  the  solvent  extract. 

The  majority  of  the  reported  studies  on  the  colorimetric  deter- 
mination of  iodine  involved  extraction  of  molecular  iodine  or  organic 
iodine  complexes  into  organic  solvent.  These  methods  are  not  suited 
for  rapid  and  simple  determination  of  iodine  residuals  in  water. 

In  1964,  the  author^  presented  a new  colorimetric  method  for 
the  determination  of  iodine  residuals  based  upon  the  oxidation  of  the 
leu co  bases  of  three  triphenylmethane  dyes:  p,p*  Benzylidenebis  (N,N- 
dimethylaniline ) ; , <*-Bis(p-dimethylaminophenyl)-p-cresol;  and  4,4', 

4"-Methylidynetris  (N,N-dimethylaniline).  The  latter  compound  (leuco 
base  of  crystal  violet)  was  found  to  be  a superior  colorimetric  reagent 
for  iodine  determination.  Mercuric  chloride,  incorporated  in  the  indi- 
cator solution,  was  employed  to  enhance  the  rate  of  color  development. 

A test  kit  was  constructed  and  successfully  employed  for  the  accurate 
and  rapid  determination  of  iodine  residuals  in  swimming  pool  water  and 
for  a public  water  supply.^ 

A search  of  the  literature  failed  to  reveal  a method  specifically 
designed  to  determine  iodine  in  the  presence  of  free  and  combined 
chlorine.  The  lack  of  such  a method  is  ■undoubtedly  due  to  the  fact  that 
only  very  recently  have  disinfection  procedures  been  employed  whereby 
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both  halogens  are  present.  It  is  believed  that  the  method  proposed  in 
this  investigation  represents  a radical  departure  from  the  normal  modes 
of  analysis. 

Iodide  Residuals 

Probably  the  most  widely  used  colorimetric  method  for  determina- 
tion of  micro-iodides  is  based  on  the  catalytic  effect  of  iodide  on 
the  reduction  of  ceric  sulfate  by  arsenious  acid.  The  gradual  progress 
of  the  reaction  can  be  followed  by  the  steady  disappearance  of  the 
yellow  color  of  ceric  ions.  Sandell  and  Kolthoff^8  found  the  speed  of 
the  reaction  to  be  nearly  proportional  to  the  iodide  concentration. 

Probably  the  most  sensitive  titration  method  is  that  published 
by  the  U.  S.  Department  of  the  Interior,  Geological  Survey,68  using 
bromine  to  oxidize  iodide  to  iodate.  The  iodate,  in  turn,  quantitatively 
oxidizes  iodide  to  iodine  which  is  then  titrated  with  sodium  thiosulfate. 

Since  iodide  ions  may  be  easily  oxidized  to  iodine,  the  previous 
review  of  methods  for  iodine  would  be  in  most  instances  applicable  here. 
An  example  would  be  the  method  proposed  by  Feigl  and  Jungreis*^  using 
chloramine  T to  oxidize  I"  to 

Iodate  Residuals 

Iodates  are  normally  determined  by  methods  involving  the  oxida- 
tion of  I to  I^  where  one  mole  of  iodate  produces  six  equivalents  of 
iodine. 

IO3-  *5  i"  + 6H+  = 3i2+3H2o  (1) 

The  large  yield  of  iodine  may  then  be  titrated  by  sodium  thiosulfate. 


- 9 - 


Theoretically,  a colorimetric  method  may  be  employed  for  determining 
the  iodine  produced  and  some  investigators3*^  have  proposed  such  methods 
based  on  the  formation  of  the  starch-iodine  complex.  Strict  application 
of  colorimetric  methods  based  on  the  oxidation  of  organic  reagents  have 
not  been  investigated  in -any  detail.  Recently,  a method  has  been  pro- 
posed by  Vil'borg  and  Drozdov10  based  on  the  photometry  of  an  ellagic 
acid  solution  formed  when  tannin  reacts  with  I0^“  in  acid  solution. 
However,  the  sensitivity  appears  quite  low  as  an  iodate  concentration 
range  of  only  2 ppm  to  28  ppm  was  reported  using  a 2.0  cm  cell. 

Chlorine  Residuals 

The  work  of  early  investigators23,24’25  has  shown  that  benzidine 
and  its  derivatives  when  subjected  to  oxidation  by  the  halogens  produce 
highly  colored  reaction  products.  In  1904,  Willstatter2?  obtained  a 
yellow  compound  with  a quinoid  structure  by  the  mild  oxidation  of 
benzidine. 

In  1913,  Dittos  and  Van  Buskirk13  studied  the  o-tolidine  reaction 
later  developed  by  Phelps, for  the  determination  of  chlorine.  In  the 
same  year,  Ellms  and  Hauser^5  proposed  a much  improved  method  in  which 
the  o-tolidine  indicator  solution  was  made  very  acid  with  HCl  producing 
& pH  “C  I.3  in  the  sample  to  be  tested.  At  usual  pool  water  temperatures 
both  free  and  combined  chlorine  produce  color.  Free  chlorine  may  be 
determined  by  cooling  the  sample  to  1°C.  This  method  has  remained 
essentially  unchanged  to  the  present  time. 

Adams  and  Buswell,41  in  1933 » showed  that  the  o-tolidine  color 
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reaction  is  also  produced,  in  the  absence  of  chlorine,  by  the  use  of  an 
equivalent  concentration  of  oxidized  manganese  compounds.  This  was 
offered  as  proof  that  color  formation  is. the  result  of  simple  oxidation 
rather  than  one  of  chlorination.  The  disadvantages  of  o-tolidine  were 
discussed  and  include  the  development  of  color  (l)  by  both  free  chlorine 
and  chloramines,  (2)  by  oxidized  manganese,  (3)  by  Fe  (III)  at  concen- 
trations greater  than  0.3  ppm  and  (4)  by  nitrites  at  concentrations 
greater  than  0.1  ppm. 

In  193^+,  Tarvin,  Todd,  and  Buswell  attempted  to  find  a reagent 
which  would  eliminate  some  of  the  difficulties  experienced  with 
o-tolidine.  The  types  and  derivatives  of  compounds  studied  included 
aniline,  aminonapthalene , anthracene,  benzidene,  diphenylamine , 
diaminodiphenylme thane , and  arainobenzophenone.  No  studies  were  made 
on  the  leuco  bases  of  the  triphenylmethane  class  of  dyes,  possibly  be- 
cause these  were  not  readily  available.  They  concluded  that  the  color 
reactions  with  o-tolidine  were  superior  to  those  produced  by  any  of  the 
compounds  studied. 

Griffin,  in  1939,  proposed  a method  to  differentiate  between 
free  and  combined  chlorine  based  on  the  ability  of  free  chlorine  to 
oxidize  nitrite  rapidly  and  the  inability  of  chloramines  to  do  so.  The 
total  chlorine  is  determined  by  o-tolidine  on  one  sample  while  sodium 
nitrite  is  added  to  a second  sample  before  the  addition  of  o-tolidine. 

A contact  time  of  from  5-10  minutes  is  allowed  for  the  nitrite  to  remove 
any  free  chlorine  present,  after  which  the  remaining  chlorine  residual 
is  read.  The  difference  between  it  and  the  total  chlorine  residual  is 
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recorded  as  free  chlorine. 

The  fact  that  chloramines  produce  color  with  o-tolidine  much 

17 

more  slowly  than  does  free  chlorine  was  used  by  Laux  ' as  a basis  of  a 
"flash"  test  for  free  chlorine.  In  this  test  the  color  developed  with 
o-tolidine  in  strongly  acid  solution  is  read  within  10  seconds  after 
addition.^  of  the  indicator  and  the  result  reported  as  free  chlorine. 

Later  Laux  and  Nickel  proposed  a simple  qualitative  test  to  determine 
the  "breakpoint"  in  chlorination.  With  their  formulation  employing 
controlled  acidity,  color  development  indicates  that  the  "breakpoint" 
has  been  passed.  Color  in  the  sample  indicates  water  chlorinated 
beyond  the  "breakpoint." 

Hallinan , in  1944,  developed  the  o-tolidine-arsenite  (OTA) 
test  by  which  free  chlorine  and  chloramines  may  be  determined  separately. 
Sodium  arsenite  reduces  both  free  chlorine  and  chloramines.  Three 
separate  tests  are  required.  In  the  first,  the  sample  is  added  to  the 
cell  containing  o-tolidine,  mixed  quickly  and  arsenite  added  within  5 
seconds.  The  color  is  read  as  rapidly  as  possible  (A)  and  represents 
free  chlorine  plus  any  manganese^  iron  or  nitrite  which  may  be  present. 

In  the  second  test,  the  order  of  addition  is  reversed,  and  the  sample  is 
added  to  the  cell  containing  arsenite,  mixed  rapidly  and  o-tolidine 

■ t> 

added  within  5 seconds;  the  color  is  read  at  once  (B^)  and  after  5 
minutes  (B^).  the  third  test,  only  o-tolidine  is  added  and  a reading 
is  taken  in  exactly  5 minutes  (C).  Total  free  and  combined  chlorine  = 

C-B^  whereas  free  available  chlorine  = A-B^. 

45 

In  1954,  Palin  J developed  a titration  method  for  chlorine 
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residuals  employing  ferrous  ammonium  sulfate  (FAS)  as  the  titrant  and 
neutral  o-tolidine  as  the  indicator.  A colorimetric  method  was  also 
proposed  in  which  at  a sample  pH  5 to  6 free  chlorine  produces  a blue 
color  with  o-tolidine  while  chloramines  do  not.  The  addition  of  potas- 
sium iodide  produces  color  with  mono chloramine . Dichloramine  and  nitro- 
gen trichloride  may  be  estimated  by  an  extension  of  the  method.  The 
disadvantage  of  this  method  is  the  instability  of  the  blue  color  formed. 

Kolthoff  and  others4^ proposed  N,N-dimethyl-p-phenylene 
diamine  as  an  indicator  for  chlorine  residuals.  Palin49  reported  a 
method  using  this  reagent  but  in  a later  study^0  claimed  that  N,N- 
diethyl-p-phenylene  diamine  (DPD)  was  a more  satisfactory  indicator. 
Employing  DPD,  Palin  developed  a comprehensive  colorimetric  method  for 
the  determination  of  free  chlorine , raonochloramine,  dichloramine,  and 
nitrogen  trichloride.  Free  chlorine  reacts  instantly  to  give  a red  color. 
By  a series  of  complicated  sample  and  reagent  addition  procedures,  the 
three  forms  of  combined  chlorine  may  be  estimated.  A test  kit  based  on 
this  method  is  commercially  available.  One  disadvantage  of  this  method 
is  the  instability  of  DPD  in  solution  form  necessitating  the  use  of  dry 
reagents  in  tablet  form  for  the  portable  test  kits.  There  is  a consid- 
erable waiting  time  required  for  the  dissolution  of  these  tablets  in  the 
water  sample.  Another  disadvantage  is  the  interference  of  oxidized 
manganese  in  the  free  chlorine  determination. 

Gilcreas  and  Hallinan^  claimed  that  free  chlorine  could  be 
determined  by  the  addition  of  potassium  iodide  with  the  subsequent 
adsorption  of  the  generated  iodine  by  a -naphthoflavon  to  form  a highly 
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colored  complex.  Later  work  showed  this  method  to  be  unsuitable  for 
a direct  colorimetric  method  as  precipitation  and  filtration  steps  were 
required . 

Recently,  there  has  been  a renewed  interest  in  developing  a 
method  for  the  specific  determination  of  free  chlorine.  Milton‘S 
reported  a method  by  which  free  chlorine  reacts  directly  with  the 
cyanide  ion  to  form  cyanogen  chloride  which  is  then  allowed  to  react 
with  pyridine  to  form  a quaternary  compound.  Subsequent  condensation 
with  an  amine  produces  an  intensely  colored  compound.  Amines  that  have 
been  evaluated  are  benzidine,  sulphanilic  acid,^  and  barbituric  acid^ 
with  the  latter  compound  giving  the  most  satisfactory  results.  However, 
Morris  and  Grant ^ reported  that  with  this  method,  combined  chlorine 
produces  a color  also. 

Belcher  et  al.  suggested  the  use  of  3,3’ -dime thylnaphthidine 
as  a colorimetric  reagent  for  the  determination  of  free  chlorine.  It 
is  claimed  that  Beer’s  Law  is  followed  from  0 to  1.0  ppm  chlorine  and 
the  colors  produced  are  stable  for  15  to  20  minutes.  Time  for  complete 
color  development  is  reported  to  be  a minimum  of  5 minutes. 

Tetrakis- ( p-dimethylamino phenyl ) ethylene  has  been  reported"^  to 
be  a sensitive  reagent  for  chlorine,  but  the  reagent  solution  was 
reported  to  be  unstable. 

The  bleaching  effect  of  free  chlorine  on  indicators  used  for 
colorimetrically  determining  the  pH  of  water  samples  has  long  been 
known,  and  Taras^8’^  described  a colorimetric  method  for  free  chlorine 
using  the  bleaching  action  of  chlorine  on  methyl  orange.  Very  recently 
Sollo  and  Larson80  studied  this  method  in  detail  and  found  that  the 
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destruction  of  methyl  orange  was  very  dependent  on  the  sample  tempera- 
ture and  reaction  time. 

The  neutral  o-tolidine  test  has  been  reinvestigated61  and  it  is 
claimed  that  the  blue  color  produced  by  free  chlorine  can  be  stabilized 
by  the  addition  of  "Aerosol-OT,"  an  anionic  surfactant.  The  determina- 
tion of  mono-  and  dichloramines  is  also  reported.  The  primary  inter- 
ferences are  nitrogen  trichloride  and  oxidized  manganese. 

The  formation  of.  an  indophenol  dye  from  the  reaction  of  sodium 
phenate  and  aniline  with  chlorine  was  used  as  the  basis  for  a method 
reported  by  Kul'berg  and  Borzova.62  These  same  authors57  also  reported 
a method  for  chlorine  detemination  using  N , N , N ' , N • - 1 e tr ame thylben zidine . 

In  British  water  works  practice,  a slightly  modified  o-tolidine 
test  has  been  adopted.  To  avoid  confusion,  the  American  method  is 
generally  termed  o-tolidine  (APHA)  and  the  British  version  is  referred 
to  as  o-tolidine  (IWE).  The  principal  difference  between  the  methods 
is  that  in  the  IWE  procedure  the  reagent  is  added  to  the  sample  and  the 
pH  is  gradually  lowered  to  2.1,  whereas  in  the  APHA  method,  the  sample 
is  added  to  the  reagent  so  that  the  pH  remains  close  to  1.3. 

A very  thorough  and  extensive  evaluation65  of  the  methods 
presently  available  for  determining  free  chlorine  residuals  in  water 
has  recently  been  presented.  The  criteria  used  in  comparing  the 
methods  were:  reproducibility,  specificity,  sensitivity,  limit  of 
detection,  recovery  of  chlorine,  effect  of  temperature,  stability  of 

* 
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the  reagents,  simplicity  and  convenience,  stability  of  the  color  and 
adherence  to  Beer's  Law.  A preliminary  study  excluded  the  following 
methods  from  further  consideration  because  of  obvious  and  serious  dis- 
advantages: N ,N-dimethyl-p-phenylene  diamine;  cyanogen  chloride  with 
benzidine;  methyl  orange;  indophenol;  <x-naphthaf lavone . 

A total  of  nine  colorimetric  methods  were  evaluated  and  the 
following  conclusions  were  offered. 

1.  The  barbituric  acid  method  appeared  the  most  suitable  lab- 
oratory method  for  determining  free  chlorine  in  the  absence  of  combined 
chlorine. 

2.  N,N-diethyl-p-phenylenediamine  is  ranked  second  as  a lab- 
oratory method  and  has  the  added  advantage  in  that  free  chlorine  can  be 
differentiated  from  combined  chlorine,  provided  the  color  is  measured 
immediately.  A disadvantage  is  the  decomposition  of  the  reagent  in 
solution. 

3.  For  chlorine  concentrations  of  0.1  ppm  and  above,  three 
methods  were  equally  suitable  for  determining  free  chlorine  in  the 
absence  of  organic  matter:  o-tolidine  (APHA),  tetrakis-(p-dimethyl- 
amino phenyl)  ethylene,  and  3,3' -dime thylnaphthidine . The  o-tolidine 
(APHA)  method  determines  total  chlorine,  whereas  the  remaining  two 
methods  determine  free  chlorine  plus  a part  of  the  combined  chlorine, 
depending  on  its  nature  or  on  the  age  of  the  reagent. 

k.  Of  the  five  methods  discussed  above,  the  3 ,3'diraethyl- 
naphthidine  seemed  the  most  applicable  to  field  work.  Simplicity  of 
use,  reproducibility  of  results,  and  use  of  only  one  reagent  are  the 
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principal  advantages  cited.  A waiting  period  of  2 to  5 minutes  for 
color  development  and  a lack  of  complete  indicator  solution  stability 
are  the  major  disadvantages. 

5.  The  o-tolidine  (APHA)  method  was  shown  to  be  more  reproducible 
than  the  o-tolidine  (IWE)  method  at  a concentration  of  chlorine  of  0.1 
ppm.  Otherwise,  the  performances  were  similar. 

6.  The  remaining  colorimetric  methods,  i.e.,  sulphanilic  acid, 
N,N,N' .N'-tetramethylbenzidine  and  neutral  o-tolidine,  were  found  to  be 
unsuitable,  mainly  because  of  lack  of  reproducibility. 

In  1965,  the  Water  Research  Association  of  England  evaluated  ten 
methods  for  determining  chlorine  residuals,  and  the  results  of  this 
study  are  shown  in  Table  1.  The  best  methods  for  determining  both  free 
chlorine  and  chloramines  were  reported  as  follows: 

Best  All-Round  Method  - N,N-diethyl-p-phenylenediamine  (DPD)- 

ferrous  ammonium  sulfate  (FAS)  titration. 

Best  Colorimetric  Method  - N,N-diethyl-p-phenylenedi amine  (DPD). 

There  is  some  disagreement  between  British  and  American  workers 
as  to  the  best  all-round  method  for  chlorine  residuals.  The  British 
claim,  as  shown  in  Table  1,  that  the  DPD  (FAS)  titration  is  the  most 
satisfactory.  In  recent  years,  American  workers  have  generally  accepted 
as  a standard  laboratory  method  the  amperometric  titration  procedure 
as  first  proposed  by  Marks  and  Glass  in  1942 . The  amperometric 
method  is  a special  adaptation  of  the  polarographic  principle.  The  cell 
consists  of  a nonpolarizable  reference  electrode  which  is  immersed  in  a 
salt  solution,  and  a readily  polarizable  noble-metal  electrode  which  is 
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L-JJ  Condition  satisfied 
Best  not  carried  out 


□ Condition  not  satisfied 

Condition  partially  satisfied 


Table  1 


Comparison  of  Methods  for  the  Determination  of  Free  Chlorine  in  Water. 
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in  contact  with  both  the  salt  solution  and  with  the  sample  to  be 
titrated.  The  electrode  circuit  is  connected  to  a microammeter.  In 
the  absence  of  a halogen  residual  the  microammeter  reading  will  be  low 
because  of  cell  polarization.  A halogen  residual  causes  depolarization 
and  a proportional  increase  in  the  current.  As  the  titrant,  phenyl- 
arsine  oxide,  is  added,  the  cell  becomes  more  polarized  due  to  decrease 
in  the  halogen  residual.  The  meter  acts  as  a null-point  indicator  and 
the  endpoint  is  taken  when  no  further  decrease  in  current  can  be  ob- 
tained by  the  addition  of  more  titrant. 

Many  investigators^’ consider  amperometric  titration  to  be 
an  excellent  laboratory  method  for  the  determination  of  halogen  resid- 
uals, particularly  when  extreme  accuracy  is  desired.  The  method  can 
be  used  to  determine  total  residual  chlorine  and  can  also  differentiate 
between  free  and  combined  chlorine.  This  method  together  with  the 
colorimetric  methods  employing  o-tolidine  that  are  generally  accepted 
in  American  water  works  practice  are  given  in  detail  in  Standard 
Methods  for  the  Examination  of  Water  and  Wastewater.  Twelfth  Edition. 

Crystal  Violet 


Preparation 


Crystal  violet  (C.I.  Basic  Violet  3)69  is  a dye  of  the  triphenyl- 
methane  class  and  is  a common  name  applied  to  the  compound  [4-  [bis  [p- 
(dimethylamino)-phenylj  methylenej  -2.5-cyclohexadien-l-ylidenej 
dimethylamraonium  chloride.  There  are  three  types  of  dye  structures 
derived  from  triphenylme thane:  those  with  three  basic  amino  groups, 
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those  with  two  basic  amino  groups,  and  those  with  phenolic  groups  rather 

than  amino.  These  three  types  are  referred  to  as  the  rosaniline, 

malachite  green,  and  rosolic  acid  series,  respectively.  Crystal  violet 

belongs  to  the  rosaniline  series  and  was  first  prepared  by  Kern  in  1883.^ 

Crystal  violet  is  .usually  prepared  by  heating  Michler's  ketone 

with  dimethylaniline  in  the  presence  of  phosphoryl  chloride. The 

leuco  base  of  crystal  violet  (4,4’ ,4"  Methylidynetris  (N,N-dimethyl- 

aniline)  may  be  obtained  by  condensing  Michler's  hydrol  with  dimethyl- 
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aniline  in  dilute  acid  solution/  On  oxidation  of  the  leuco  base  with 
lead  dioxide,  the  carbinol  is  first  obtained  which  is  easily  converted 
to  the  dye  upon  acidification.  The  structures  and  reactions  of  the 
compounds  involved  are  shown  in  Figures  1 and  2. 

Theory  of  Color 
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In  1876,  Witt  advanced  the  theory  that  a colored  substance 

must  contain  one  or  more  unsaturated  groups,  such  as  the  vinyl  or 

carbonyl  groups  which  were  termed  chromophores . A more  appropriate 

term  than  "unsaturated  group"  would  have  been  a "group  with  multiple 
72 

bonds."  Witt  named  the  compound  containing  the  chromophoiic:  group 
a chromogen,  and  further  defined  groups  that  greatly  enhance  the  color 
of  a chromogen  as  auxo chromes . Examples  of  the  more  important  chromo- 
phoric  groups  are:  nitro,  nitroso,  azo,  azoxy,  carbonyl,  ethenyl,  and 
quinoid.  The  most  important  auxochromes  are  the  phenolic  OH,  unsub- 
stituted and  alkyl  substituted  amino  groups . 

In  color  chemistry  deepening  of  color  means  the  change  in  color 
as  follows:  yellow-orange  - red  - purple  - violet  - blue  - green  - 
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Michler's  ketone 


Crystal  violet 


Fig.  1 - Preparation  of  Crystal  Violet, 
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N(CH  )2 


k(ch3)2 


Kichler's  hydrol 


PbOo 


Fig.  2 - Preparation  of  the  Leuco  Base  of  Crystal  Violet. 
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black.  Auxochromes  which  bring  about  deepening  of  color  are  known  as 
bathochromic  groups  and  those  which  bring  about  the  opposite  effect  are 
termed  hypsochromic  groups.  Some  groups. such  as  alkyl  and  aryl  groups 
and  halogen  are  bathochromes  but  are  not  normally  considered  as  auxo- 
chromes. . , 
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Baeyer  ^ suggested  that  the  color  of  the  triphenylmethane  dyes 
was  due  to  the  oscillation  of  an  atom  in  a molecule.  Bury^  was  the 
first  to  point  out  that  the  oscillation  involves  movement  of  electrons 
only  and,  therefore,  it  is  merely  an  example  of  resonance.  It  is  evident 
from  the  above  description  that  Bury  used  the  term  resonance  in  keeping 
with  the  Atomic  Orbital  Theory  of  bonding.  Resonance  in  this  sense 
implies  that  the  electrons  are  capable  of  moving  or  oscillating  between 
two  or  more  equivalent  or  nearly  equivalent  electronic  structures.  This 
definition  is  again  evident  as  Bury  defines  an  auxochrome  as  a group 
capable  of  producing  resonance,  i.e.  a group  capable  of  increasing  the 
number  of  equivalent  electronic  structures. 

The  modem  theories  of  color  in  organic  molecules  are  concerned 
with  the  absorption  of  light  energy  and  a transition  from  a state  of 
lower  to  a state  of  higher  energy.  The  difference  in  energy  between 
the  two  states  is  given  byAE  = hv,  when  h is  Planck's  constant  and  v 
the  frequency  of  the  absorbed  light.  For  molecules,  changes  in  elec- 
tronic states  are  associated  with  large  amounts  of  energy  relative  to 
rotational  and  vibrational  transitions,  and  give  absorption  in  the 
visible  and  ultraviolet  regions  of  the  electromagnetic  spectrum.  Since 
an  electron  must  occupy  some  particular  molecular  orbital,  AE  is 
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quantized  and  hence  the  frequency  of  the  light  absorbed  will  have  defi- 
nite values  with  a value  associated  with  each  particular  line  in  the 
spectrum.  In  polyatomic  molecules  there .will  be  a very  large  number  of 
possible  excited  electronic  states  and  since,  under  the  proper  conditions, 
all  these  excited  states  .will  be  produced,  the  spectrum  may  consist  of  a 
very  large  number  of  lines.  When  the  differences  between  the  values  of 
Z\E  are  very  small,  the  lines  are  very  close  together  and  bands  will 
appear  in  the  spectrum  in  definite  regions.  The  existence  of  these  bands 
in  definite  parts  of  the  visible  absorption  spectrum  give  rise  to  color. 
The  first  absorption  band,  occurring  at  the  lowest  frequency,  is  due  to 
the  transition  from  the  ground  state  to  the  lowest  (first)  excited  state. 

According  to  the  Valence  Bond  Theory,  electrons  are  considered 
in  pairs  and  oscillating  electrons  in  a molecule  permit  absorption  of 
light  by  the  substance.  When  light  is  absorbed  by  a molecule,  there  is 
an  induced  oscillation  of  the  electron  pairs  in  bonds  throughout  the 
length  of  the  molecule.  Lewis  and  Calvin,75  in  the  context  of  the 
Valence  Bond  Theory,  have  assumed  that  for  a molecule  which  has  an  ab- 
sorption band  of  low  frequency,  the  electron  displacement  will  be  small 
compared  to  the  dimensions  of  the  molecule  and  the  first  two  excited 
states  occur  close  together  producing  bands  in  the  spectrum. 

In  addition  to  the  frequency  of  the  light  absorbed,  the  probability 
of  transition  must  be  considered,  i.e.  whether  transitions  are  "per- 
mitted" or  "forbidden"  for  the  vibrational  and  rotational  levels.  The 
probability  of  transition  is  related  to  the  transition  dipole  moment 
of  the  molecule  as  light  absorption  can  occur  only  when  the  dipole 
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moment  changes.  The  more  symmetrical  the  molecule,  the  smaller  is  the 
possibility  of  a transition  dipole  moment,  and  consequently  the  proba- 
bility that  the  molecule  will  absorb  light  is  reduced.  Whether  the 
molecule  is  symmetrical  or  not,  oscillation  of  electron  pairs  produce 
a changing  dipole  moment,,  since  they  become,  associated  with  one  or  the 
other  of  the  pair  of  atoms  in  a chemical  bond. 

According  to  the  Valence  Bond  Theory,  resonance  among  charged 
structures  lowers  the  energies  of  both  ground  and  excited  states,  and 
since  charged  structures  contribute  more  to  the  excited  than  to  the 
ground  state,  the  energy  of  the  excited  state  will  be  lowered  more  than 
the  ground  state.  In  general  then,  color  is  "deeper"  the  greater  the 
number  of  resonance  forms  among  the  various  charged  structures. 

Application  of  the  principles  of  the  Valence  Bond  Theory  to  a 
study  of  the  spectra  of  organic  molecules  provides  at  least  a qualita- 
tive interpretation  of  the  observed  experimental  results.  A study  of 
the  spectra  of  crystal  violet,  given  below,  provides  a good  example. 

The  dyes  derived  from  triphenylme thane  undergo,  on  the  addition 
of  strong  acids  to  their  aqueous  solutions,  a remarkable  series  of  color 
transformations.  Crystal  violet  exhibits  one  of  the  largest  variety  of 
color  changes  among  these  substances.  In  neutral  solution  crystal 
violet  is  blue-violet,  changing  on  the  gradual  addition  of  strong  acid 
through  violet-blue,  blue,  blue-green,  green  and  yellow-green  to  pure 
yellow  in  concentrated  acid.  Adams  and  Rosens tein/^  in  a study  of  the 
visible  spectra  of  crystal  violet  solutions  as  a function  of  pH,  re- 
ported a set  of  values  for  the  molar  absorptivity  at  various  wavelengths 
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for  the  "fundamental"  species  of  the  crystal  violet  molecule.  The 
"fundamental"  species  were  taken  to  be  the  violet,  green,  and  yellow 
forms  and  the  molar  absorptivity  values,.  € , at  the  wavelengths  of 
maximum  absorption,  \ max  were  reported  as  follows. 


Fundamental  Species 

A max,  2 

liter  mole'^cm”^ 

Violet 

5830  - 5950 

86,800 

Green 

6348 

112,500 

Yellow 

4609 

18,300 

By  relating  the  relative  prominence  of  these  absorptions  as  a 
function  of  pH,  the  equilibrium  between  the  different  species  was  deter- 
mined and  a set  of  equilibrium  constants  derived. 
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Lewis  and  Calvin  assumed  that  when  a molecule  has  a conjugated 
system  extending  in  two  directions,  there  may  be  two  optical  axes. 
Absorption,  therefore,  will  give  rise  to  excited  states  of  different 
energies  and,  therefore,  to  absorption  bands  of  different  frequencies. 
The  band  of  lowest  frequency  (major  band)  is  associated  with  the 
longest  axis  in  the  molecule  and  is  called  the  x band.  The  band 
corresponding  to  the  axis  at  right  angles  to  this  major  band  is  the  y 
band.  Generally  the  x axis  of  a molecule  can  readily  be  determined 
from  the  structural  formula.  In  Figure  3,  the  structures  of  crystal 
violet  (I) (II) (III),  malachite  green  (IV)  and  p-dimethylamino  triphenyl- 
methane  (3T)  are  represented  by  their  true  trigonal  planar  (with  respect 
to  the  central  carbon  atom)  configuration. 
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Fig.  3 - Comparison  of  the  Ions  of  Crystal  Violet,  Malachite  Green, 
and  p-Dimethylamino  triphenylm ethane. 
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Figure  3 shows  that  (II)  has  x and  y bands  but  (I)  has  only  one 
band  as  the  x and  y bands  are  identical,  i.e.  the  molecule  is  symmetri- 
cal. The  resonance  energy  of  (I)  is  far  greater  than  that  of  (II),  but 
the  absorption  band  of  crystal  violet  has  a maximum  at  5900  X while 
that  of  malachite  green  lies  at  6230  A.  By  adding  one  proton,  by  ad- 
dition of  strong  acid,  to  the  ion  of  crystal  violet  (I),  the  absorption 
maximum  lies  at  63OO  X.  By  adding  two  protons  to  (I),  the  absorption 
maximum  lies  at  4600  X comparable  to  that  of  structure  (V).  An  explana- 
tion of  these  color  changes  is  as  follows.  In  (I),  only  two  thirds  of 
a charge  is  capable  of  horizontal  oscillations  between  auxochromes  (a) 
and  (b) . In  (II),  the  whole  unit  of  charge  can  oscillate  in  a horizon- 
tal direction  as  the  vertical  direction  of  oscillation  is  inhibited  due 
to  the  stabilization  of  the  lone  pair  by  proton  addition  and,  conse- 
quently, the  color  will  deepen,  i.e.  maximum  absorption  moves  toward 
longer  wavelengths.  This  is  in  line  with  the  assumption  that  the  x 
band  is  the  band  of  lowest  frequency.  If  two  protons  are  added  to  form 
(III),  relatively  little  resonance  is  possible  and,  consequently,  the 
color  lightens,  i.e.  maximum  absorption  moves  toward  shorter  wave- 
lengths . 

These  color  transformations  may  also  be  interpreted  by  consider- 
ing changes  in  the  transition  dipole  moment.  In  going  from  (I)  to  (II) 
there  is  an  increase  in  the  transition  dipole  moment  due  to  loss  of 
symmetry.  The  probability  of  transition  is  increased  and  thus  the 
maximum  absorption  will  move  toward  longer  wavelengths.  In  addition, 
an  increase  in  the  transition  dipole  moment  produces  an  increase  in  the 
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intensity  of  the  absorption.  This  concept  is  in  accord  with  the  experi- 

mental  results  reported  by  Adams  and  Rosenstein.' 
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Lewis  and  Bigeleisen  resolved  the  x and  y bands  of  crystal 
violet  into  two  neighboring  bands  by  making  minor  chemical  substitutions 
so  as  to  create  a slight'  dissymmetry.  The  separation  of  the  x and  y 
bands  increased  as  the  difference  in  auxochromic  properties  of  the  sub- 
stituent groups  increased. 
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According  to  Molecular  Orbital  Theory,  the  absorption  of  light 

(electronic  excitation)  by  a molecule  involves  promotion  of  electrons 

in  <5 , IT,  and  n-orbitals  from  the  ground  state  to  higher  energy  states . 

These  higher  energy  states  are  described  by  molecular  orbitals  that  are 

vacant  in  the  ground  state  and  are  called  antibonding  orbitals.  These 

* * 

higher  energy  orbitals  are  designated  <5  (sigma  star)  and  TT  (pi  star). 

Such  transitions  can  generally  occur  only  between  permitted  orbitals  as 
^ ^ + 

follows:  — <ftn  -*TT  , and  TT  -•  TT  . Transition  to  antibonding 

* 

Tl  orbitals  are  associated  only  with  groups  having  multiple  bonds  in 

* 

the  molecule.  These  transition  to  TT  orbitals  are  of  the  lowest  energy 
and  light  absorption  occurs  at  longer  wavelengths.  Chromophoric  groups 
in  systems  of  extended  conjugation  lengthen  the  electron  system  and  the 
energy  required  for  the  Tl  -Tl  transition  is  less  (longer  wavelengths) 
and  the  probability  of  these  transitions  is  higher  (greater  intensity 
of  absorption).  For  the  crystal  violet  ion  (I),  the  electron  system 
may  be  assumed  to  extend  in  two  directions,  i.e.  x and  y bands  of  equal 
or  near  equal  length.  By  the  addition  of  one  proton  to  (I),  the 
electron  system  is  lengthened  in  (II)  in  the  x direction  relative  to 
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the  initial  x direction,  and  the  position  of  absorption  is  shifted  to 
longer  wavelengths.  The  probability  of  these  transitions  in  (II)  is 
increased  and,  therefore,  a more  intense  absorption  occurs.  Auxochromic 
groups  such  as  hydroxyl,  amino,  and  some  of  the  halogens  all  contain  non 
bonding  electrons,  and  transitions  involving  these  n electrons  are  re- 
sponsible for  the  effect  of  these  groups  on  the  absorption  wavelength 
and  intensity.  As  pointed  out  previously,  the  Valence  Bond  Theory  is 
concerned  with  an  electron  pair,  whereas  according  to  Molecular  Orbital 
Theory  electrons  may  be  considered  singly.  This  has  resulted  in  some 
differences  in  the  theory  of  light  absorption  but  there  is  a large  body 
of  knowledge  common  to  both  theories. 

Isomers  of  Crystal  Violet 

The  absorption  curve  of  the  ion  of  crystal  violet  as  it  exits  in 

neutral  or  slightly  acid  solution  has  a shoulder  as  seen  in  Figure  4 (I) 

79 

Lewis,  Magel  and  Lipkin  showed  that  the  shoulder  is  the  superposition 
of  two  neighboring  bands  resulting  from  two  isomers  in  rapid  equilibrium 
with  one  another.  The  isomers  were  termed  A and  B and,  referring  to 
Figure  4 (II),  may  be  explained  as  follows. 

Of  the  hydrogen  atoms,  only  the  six  in  the  ortho  positions  of  the 
rings  are  shown.  If  the  rings  and  the  six  ortho  hydrogens  were  all  in 
a plane,  any  two  adjacent  hydrogens  would  be  only  about  0.5  ft  apart. 

The  repulsion  between  the  two  atoms  would  result  in  a small  rotation  of 
the  benzene  rings  around  their  axis.  Such  a rotation  at  the  beginning 
meets  no  restoring  forces,  but  these  forces  of  restoration  become  large 
as  the  amount  of  rotation  increases.  The  nature  of  these  forces  may  be 
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(I) 


R 

R = N(CH3)2 

(II) 


Fig.  4 - Spectrum  and  Structure  of  Crystal  Violet. 
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understood  if  we  ascribe  to  each  carbon-carbon  bond  from  the  central 
carbon  atom  one-third  double  bond  character.  The  actual  structure  of 
crystal  violet  then  is  non-planar  and  if  in  the  figure  the  atoms  2, 
2',  2"  lie  above  the  plane  of  the  figure  and  6,6'  and  6"  lie  below,  we 
have  a model  analagous  to  a windmill  or  a three  blade  propellor.  It  has 
complete  screw  or  helical  symmetry.  If  in  this  model  one  pair  of 
adjacent  hydrogens  are  forced  past  each  other,  or  if  one  of  the  rings 
rotates  through  nearly  180°,  a propeller  form  of  three  blades  is  ob- 
tained in  which  one  blade  is  turned  in  the  opposite  sense  from  the 
other  two.  This  distorted  helical  structure  would  presumably  have  more 
energy  than  the  symmetrical  one.  Since  the  type  of  resonance  that 
favors  light  absorption  would  be  more  inhibited,  a lower  value  of  Xmax 
would  be  expected.  The  A isomer  is  then  of  the  symmetrical  helical  type 
and  the  B isomer  is  of  the  distorted  helical  type.  The  shoulder  on  the 
absorption  band  is  nearly  always  found  in  dyes  whose  molecules  contain 
a triamino triphenylme thane  group.  However,  there  is  no  shoulder  in  the 
spectra  of  the  diaminotriphenylmethane  group  such  as  malachite  green 
in  which  the  unsubstituted  phenyl  group  does  not  participate  in  the 

main  resonance  of  the  molecule  and  is  free  to  occupy  various  positions 
of  rotation. 

Influence  of  Solvent 

go 

Sheppard  and  Geddes  studied  the  deviations  from  Beer's  law 
which  have  been  found  in  aqueous  solutions  of  many  types  of  dyes.  These 
authors  pointed  out  that  dyes  are  large  organic  molecules  usually 
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having  a small  ratio  of  water  miscible  to  water  immiscible  groups.  In 
aqueous  solution  only  the  rather  few  and  isolated  hydrophilic  groups 
will  be  definitely  solvated.  Following  the  introduction  of  inorganic 
salts  to  these  solutions,  the  hydrophobic  parts  of  the  dye  molecule 
a6glutinate . The  triphenylmethane  dyes  are  for  the  most  part  very 
definitely  planar  favoring  the  formation  of  ion  pairs  or  dimers.  Pair 
formation  would  be  enhanced  by  an  increase  in  concentration  of  the  dye 
or  added  inorganic  solute.  The  result  may  be  a decrease  in  the  main 
absorption  peak  accompanied  by  a corresponding  increase  in  asymmetry 
on  the  higher  frequency  side  of  the  main  peak. 

Reaction  Mechanism 

The  oxidation  of  the  leuco  bases  of  the  triphenylmethane  dyes  to 
the  colored  forms  has  generally  been  regarded,  without  supporting  evi- 
dence, as  yielding  first  the  carbinol  which  is  subsequently  dehydrated 

Q*J 

to  the  dye.  Swain  and  Hedberg  offered  proof  that  the  carbinol  is  not 
an  intermediate  in  the  conversion  of  leuco  malachite  green  to  the  dye 
in  aqueous  acid  solution  when  ceric  sulfate  is  the  oxidizing  agent.  The 
proof  rests  on  the  observation  that  the  carbinol  is  dehydrated  to  dye 
more  slowly  than  the  leuco  base  is  oxidized  to  dye  under  comparable  con- 
ditions. A mechanism  is  suggested  involving  a nucleophilic  attack  by 
a water  molecule  on  the  central  hydrogen  atom  resulting  in  the  removal 

of  an  electron  from  the  nitrogen  atom  by  the  oxidizing  agent  (Fig.  5). 
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Ritche  et.  al.  proposed  a mechanism  based  on  a hydride  transfer 
for  the  reaction  of  chloranil  with  substituted  leuco  bases  of  malachite 
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2Ce(IV) 


N+  + 2Ce(IIl) 


(II) 


Fig*  5 - Proposed  Mechanism  of  Oxidation  of  Leuco  Malachite  Green 
by  Hydride  Extraction. 
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green.  The  reaction  was  found  to  be  accurately  represented  by  the 
following  equation. 


Ar^CH  + Q + H+  Z Ar^C*  + H£Q 


(2) 


The  rate  of  oxidation  of  the  leuco  base  followed  second  order 
kinetics  accurately  to  the  state  of  equilibrium. 

A mechanism  based  on  a hydride  transfer  is  shown  below. 


Ar^CH  S=  ArC+  + HQ"  (3) 

HQ"  + H+(aq)  ftst  H2Q  (4) 


In  an  attempt  to  prove  that  reduction  can  take  place  by  hydride 
transfer,  Stewart  studied  the  conversion  of  triphenyl  carbinol  in 
formic  acid  to  triphenylme thane  via  the  carbonium  ion.  Kinetic  and 
isotopic  proof  was  obtained  for  the  following  mechanism: 

(c6h5^oh  + hco2h  Z (c6h5)c+  + hco2“  + h2o  (5) 

.0  , 

(C6H5)3C  + H-C'  z (C6h5)3Ch  + C02  (6) 


The  energy  and  entropy  of  activation  for  the  rate  controlling 
step  were  found  to  be  18. 3 kcal/mole  and  -7.5  e.u.  The  negative 
is  presumably  due  to  the  less  likely  orientation  for  the  transition 
state  A as  compared  to  B. 
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The  rate  constant  was  found  to  be  in  the  range  of  0.268  to  0.278 
x 10“5  sec"*''"  depending  on  the  concentration  of  formic  acid. 

The  existence  of  free  radicals  in  a two-step  oxidation  process 
involving  leuco  organic  dyes  has  been  postulated  by  Michaelis.^’^  in 
this  study,  the  titration-  curves  involving  a leuco  dye  and  a suitable 
reductant  were  expressed  in  the  form  of  equations.  The  derived  expres- 
sions have  demonstrated  that  the  first  oxidation  step  involves  a one 
electron  change  producing  a free  radical  and  the  second  step  again 
involves  a one  electron  change  producing  the  completely  oxidized  or 
quinoid  form. 
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Allen  and  Powell,  using  a rotating  platinum  micro-electrode, 
showed  that  when  the  leuco  bases  of  either  crystal  violet  or  malachite 
green  are  electrolyzed  in  a strongly  acidic  aqueous  medium,  only  a one- 
electron  change  occurs.  The  product  in  the  case  of  the  leuco  base  of 
crystal  violet  gave  indication  of  being  the  free  radical  tris  (p,p'p"- 
dimethylamino)triphenylmethyl  trihydrochloride.  It  was  assumed  that 
the  free  radical  obtained  could  not  be  further  oxidized  to  the  quinoid 
form  at  the  low  pH  value  of  1.1  used  in  the  investigation.  If  al 1 the 
nitrogen  atoms  were  protinated,  the  lower  oxidation  state  is  apparently 
stabilized.  As  the  pH  was  raised  the  free  radical  oxidized  readily  in 
the  presence  of  air  to  the  quinoid  form.  This  indicates  that  under 
less  acidic  conditions,  the  unshared  pair  of  electrons  from  one  of  the 
nitrogen  atoms  is  made  available  for  contribution  to  the  formation  of 
a quinoid  form,  permitting  a higher  state  of  oxidation.  A half-wave 
potential  of  +0.821  Tt  in  a pH  1.1  buffer  system  was  reported  for  concen- 
trations of  the  leuco  base  ranging  from  2 x 10“^  M to  4 x 10“^  M. 


III.  THE  CHEMISTRY  OF  IODINE  IN  DILUTE  AQUEOUS  SOLUTION 


Hydrolysis  of  I 

Elemental  iodine  in  aqueous  solution  undergoes  the  following 
hydrolysis  reaction. 


Iz  + H20  r HIO  + H+  + I" 


(?) 


[hip]  [~H+]  [i~]  _ 

[VI  h 

Kh  = 3 x 10“13  at  25°C  and  9 x 10"15  at  0°C.8? 


(8) 


Formation  of  Hypolodlte  Ion 

Hypoiodous  acid  formed  in  reaction  (7)  dissociates  as  follows. 


hio  :h+  + 10" 

(9) 

[h+]  [io~] 

[HIO]  a 

a.o) 

K = 4.5  x 10“13  at  25°C.88 

a 

Effect  of  pH  on  Forms  of  I 

89 

Chang  has  calculated  the  effect  of  pH  on  the  hydrolysis  of  1^ 
in  the  absence  of  added  iodide,  for  total  iodine  concentrations  of  0.5 
to  50*0  parts  per  million.  Table  2,  calculated  from  this  data  for  a 
total  iodine  concentration  of  0.5  parts  per  million,  illustrates  the 
large  increase  in  the  ratio  of  HIO  to  I obtained  as  the  pH  is  in- 
creased. 

The  very  low  hypoiodite  ion  residual  normally  found  at  pool 
water  pH  values  may  be  further  illustrated  by  rearranging  equation  Q>D) . 
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Table  2 

Weight  Percent  of  I Residual  of  0.5  ppm  Present 


PH 

*2 

Hypoiodous  Acid,  HI0 

Hypoiodite  Ion,  10“ 

5 

99 

1 

0 

6 

90 

10 

0 

7 

52 

48 

0 

8 

112 

88 

0.005 

[mo]  _ [h*] 

[io-]  K* 


For  pool  waters  at  pH  8.0  and  25  C, 


[hip]  = 1 x 10~8  _ 

[l0“]  4.5  x 10"13 


= 2.2  x 10 


and  at  pH  9.0  and  25°C, 


[hip] 

[>'] 


1 x 10 


-9 


^3 


= 2.3  x 10- 


(11) 


(12) 


(13) 


4.5  x 10 

Therefore,  at  pH  8 there  are  22,000  undissociated  HI0  molecules 
to  each  hypoiodite  ion  and  at  pH  9,  which  should  never  be  reached  in 
proper  pool  operation,  there  are  still  2,200  undissociated  HI0  molecules 
to  each  hypoiodite  ion. 


Effect  of  pH  and  Iodide  Ion  on  Forms  of  I. 


There  are  at  the  present  time  two  principal  procedures  for  the 
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iodination  of  swimming  pool  water.  The  procedure  discussed  in  this 
section  involves  the  addition  of  potassium  or  sodium  iodide  to  the 
pool  water  followed  by  the  slow  release,  in  the  water,  of  a strong 
oxidant  such  as  chlorine  gas  or  calcium  hypochlorite  so  that  part  of 
the  iodide  present  is  oxidized  to  iodine.  In  this  procedure,  the 
quantity  of  strong  oxidant  released  is  never  allowed  to  equal  or  exceed 
that  concentration  required  to  oxidize  all  the  iodide  present  so  that 
a significant  iodide  concentration  is  always  present.  The  second 
iodination  procedure  requires  that  a quantity  of  strong  oxidant  be 
always  maintained  in  excess  of  that  required  to  oxidize  all  of  the 
iodide  present.  This  second  procedure  will  be  discussed  in  a following 
section. 

90  91  92 

Black  and  others  r ’ have  demonstrated  that  iodine  in  the 
concentration  range  of  0.3  to  0.8  parts  per  million  is  fully  effective 
in  the  disinfection  of  pool  waters  and  that  the  effectiveness  of  iodine 
is  not  only  equal  to  that  of  chlorine,  but  in  many  cases  superior.  In 
the  early  pool  studies,  a "bank"  of  iodide  ion  residuals  was  maintained 
at  approximately  5 parts  per  million.  At  this  high  iodide  concentration, 
equilibrium  (7)  was  shifted  to  the  left,  at  constant  pH,  increasing  the 
I2  concentration  in  proportion  to  the  total  iodine  present  in  all  forms. 

As  a result,  color  was  produced  in  some  instances  in  the  pool 
water  due  to  the  increased  portion  of  total  iodine  present  in  elemental 
form.  Reducing  the  quantity  of  iodide  ion  present  to  a total  iodine 
(I2  plus  I")  concentration  of  1.5  - 2.0  parts  per  million  shifts  equilib- 
rium (7)  to  the  right.  The  proportional  increase  in  HIO  concentration 
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eliminates  the  color  problem  and,  as  a result,  the  "bank"  concentration 
1*5  -2.0  parts  per  million  has  been  adopted  as  standard  operating 
practice.  The  effect  of  the  iodide  ion  concentration  on  the  mole  ratio 
of  HIO  to  I2  was  calculated  for  various  pH  values  and  the  results  are 
shown  in  Figure  6. 


Formation  of  Tri-iodide  Ion.  I “ 

— 3 

Aqueous  iodine  combines  with  the  iodide  ion  according  to  the 
following  equilibrium. 


X2  + I_  = V 


(W) 


(15) 


K = 7.14  x 102  at  25°C  and  1.43  x 102  at  0°C. 
Rearranging  equation  (15) 


M i 

[V] 


(16) 


and  assuming  an  iodide  concentration  of  2.0  parts  per  million  (1.58  x 
10  ^ M),  the  following  mole  ratio  at  25°C  is  obtained. 


(17) 


89 

Chang  in  a thorough  investigation  of  this  reaction  calculated 
that  the  formation  of  the  tri-iodide  ion  will  not  be  significant  or 
even  measurable  at  the  low  concentrations  of  I2  and  I~  which  would  be 
present  in  water  disinfected  with  iodine. 


100 
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Effect  of  Concentration  of  Iodide  Ion  on  Molecular  Ratios  HIO  / I„  at  Various 
pH  Values. 
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other interhalogen  compounds,  e.g.  iodine  mono chloride,  I Cl,  are 
formed  only  in  an  aqueous  medium  of  high  acidity.  Faull^*^’*^  and 
others  have  shown  that  in  the  absence  of  high  acidity  the  iodine  halides 
are  decomposed  by  water  and  the  polyhalides  are  hydrolyzed  with  forma- 
tion of  iodates  with  the  aqueous  solution  containing  little  or  no 
iodine  halide. 

5 IC1  + 3 H20  - 10  " + 2I2  + 6H+  + 5C1"  (18) 

Formation  of  Iodate  Ion 

Hypoiodus  acid  is  converted  to  iodate  at  high  pH  values  according 
to  the  following  reaction. 

3HI0  + 20H”  Z HI0'3  + 2H20  + 21 " (19) 

96 

Wyss  and  Strandskov  studied  this  reaction  in  carbonate,  borate 
and  phosphate  buffers  and  found  that  at  high  pH  values  the  reaction 
proceeds  rapidly.  At  pH  9.0  the  rate  of  the  reaction  was  found  to  be 
so  rapid  that  within  ten  minutes  about  two-thirds,  three-fourths,  and 
five-sixths  of  the  HIO  was  converted  to  iodate  in  borate,  carbonate, 
and  phosphate  buffers,  respectively.  However,  their  work  was  done 
employing  solutions  containing  hypoiodous  acid  and  iodine,  HIO  and  I , 
in  relatively  high  concentrations,  many  times  greater  than  would  be 
encountered  in  water  disinfection  practice.  Recent  data  presented  by 
Black  and  associates  show  conclusively  that  no  significant  amounts 
of  iodate  are  formed  in  the  concentrations  of  iodine  residuals  and  at 
the  pH  values  encountered  in  normal  water  disinfection  practice. 

It  is  believed  that  iodate  formation  in  pool  waters  proceeds 
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very  slowly  with  the  rate  of  formation  dependent  on  such  factors  as 

pH,  concentration  of  HIO  and  1^,  temperature,  sunlight  and  quantity 

and  rate  of  feeding  of  strong  oxidants.  • For  a complete  description  of 

pool  operating  procedures  and  criteria,  reference  is  made  to  the  recent 

97 

work  of  Black  and  associates. 

Iodine  Residual  in  Presence  of  an  Excess  of  Strong  Oxidant 

The  second  procedure  for  the  iodination  of  pool  waters  involves 
the  addition  of  an  iodide  salt  followed  by  the  release  of  a strong 
oxidant  in  the  water  in  an  amount  exceeding  that  required  to  oxidize 
all  of  the  iodide  ion  present  to  iodine.  A small  excess  of  the  strong 
oxidant  is  maintained  at  all  times  to  provide  the  desired  iodine 
residual.  Representing  the  strong  oxidant  as  free  chlorine,  the  follow, 
ing  reaction,  as  a first  step,  takes  place. 

21"  + Cl2  = I2  + 2C1"  (20) 

The  molecular  iodine,  I2,  formed  in  reaction  (20)  would  then 
undergo  hydrolysis  according  to  equation  (7)  previously  given. 

I2  + H29  r HIO  + I"  + H+  (?) 

The  iodide  form  in  this  hydrolysis  reaction  would  then  be  subjected 
to  oxidation  to  I2  by  the  excess  of  strong  oxidant.  The  overall  net 
reaction  may  be  represented  by  adding  equations  (20)  and  (7). 


2 I*  + Cl  = I + 2C1" 

(20) 

I2  + H20  Z HIO  + I"  + H+ 

(7) 

1“  + Cl2  + HO  = HIO  + 2C1'  + H+ 

(21) 
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The  formation  of  HIO  may  be  considered  a two  step  cyclic  process 
or  a one  step  reaction  as  shown  by  equation  (21) . Probably  both  types 
of  reactions  proceed  simultaneously. 

Because  of  its  extreme  reactivity,  free  chlorine  is  not  normally 
employed  in  this  procedure.  Slower  acting  oxidants  such  as  chloramines 
or  chlorine  releasing  organic  compounds  are  normally  employed.  Probably 
the  most  widely  used  is  HIO-Dine,  1 ,3-dichloro-5 , 5-dimethylhydantoin . 


V / 

N 

Cl 

which  is  an  effective  chlorine  donor.  One  of  the  chlorine  substituents 
hydrolyzes  quite  readily  and  rapidly  in  dilute  aqueous  solutions, 
whereas  the  second  chlorine  hydrolyzes  more  slowly  in  the  overall  re- 
action mechanism,  providing  a sustained-release  type  of  mechanism. 

No  matter  what  strong  oxidant  is  employed,  the  net  result  is 
expressed  by  equation  (21)  where  HIO  is  produced  exclusively,  with  no 
iodide  ions  present. 

Formation  of  Iodoamines 

Strong  solutions  of  iodine  and  ammonia  will  combine  to  form  the 
* 

Trademark  of  Nease  Chemical  Co.,  Inc.,  State  College,  Pa. 
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very  unstable  and  explosive  compound  NI  . Also,  McAlpine98  presents 
evidence  to  show  that  a colorless  iodoamine  may  be  formed  according  to 
the  following  reaction. 

I2  + 2Nfl^  2 NH2I  + NH^+  + 1“  (22')' 

K =2 

He  bases  the  validity  of  this  reaction  on  the  decolonization  which 
takes  place  when  50  nil  of  0.01  N KI^  solution  was  added  to  200  ml  of 
0.01  N NIL  OH. 

In  the  dilute  aqueous  solutions  used  in  water  disinfection 
practice,  the  possibility  of  iodoamine  formation  is  extremely  remote 
and  Kinman,  in  an  intensive  study  of  swimming  pools  disinfected  with 
iodine,  found  no  evidence  for  their  existence. 


IV.  DETERMINATION  OF  IODINE  RESIDUALS  IN  THE  PRESENCE 
OF  FREE  AND  COMBINED  CHLORINE 

Historical 

19 

A method  had  been  developed  by  the  author  for  the  determina- 
tion of  iodine  residuals  in  the  presence  of  excess  iodide  ions. 

Principle  of  the  Method 

Iodine,  in  a dilute  aqueous  solution,  is  capable  of  oxidizing, 
at  a sample  pH  of  4.0,  the  colorless  leuco  base  of  crystal  violet  to 
the  highly  colored  oxidized  form.  The  rate  of  color  development  is 
fairly  slow  and  drastically  retarded  by  the  presence  of  added  iodide 
ions.  The  addition  of  a small  quantity  of  a saturated  mercuric  chloride 
solution  produces  an  instantaneous  color  development  of  maximum  inten- 
sity and  stability.  Maximum  absorption  occurs  at  a wavelength  of  592  m[x 
and  at  a solution  pH  of  4.0.  Beer's  law  is  followed  with  iodine  con- 
centrations as  high  as  5 parts  per  million  and  iodide  concentrations 
up  to  30  parts  per  million. 

It  is  postulated  that  the  mercuric  chloride  exchanges  ligands  to 
form  the  more  thermodynamically  stable  mercuric  tetraiodide  complex, 

Hgl^  , thereby  removing  iodide  ions  from  solution  and  effectively 
increasing  the  oxidation  potential  of  the  iodine-iodide  couple  so  that 
the  reaction  proceeds  quickly  to  completion.  The  overall  reaction  is 
initially  assumed  as  the  net  result  of  two  steps  as  follows: 
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I2*  ♦ H+  -►  (j)CH  - <j)+  + 2H+  -►  21" 
HgClg  + 4l~  Hgl4=  + 2C1" 


I2  + H+  + HgCl  + 21"  + 4>C3H 


+ 2H  + Hgl.=  +-  2C1” 

v»n/^  'i 


(23) 

(24) 

(25) 


2 ' “ ' “6^2  . — T - _ 

(colorless)  ( colo red ) 

_ * 

12  rePresents  the  specific  iodine  residual(s)  responsible  for 
the  oxidation  reaction  and  4>CH  and  <j>*"  represent  the  leuco  base  and 
oxidized  form  respectively. 


Research  Plan 

The  previously  developed  method  will  be  evaluated  for  determining 
iodine  residuals  in  the  presence  of  (l)  combined  chlorine  in  the  form 
of  monochloramine,  and  (2)  free  chlorine.  If  this  approach  should  not 
prove  successful,  the  method  would  be  modified,  as  required,  to  meet 
the  criteria  stated  above. 


Experimental  Methods 

Apparatus 

The  iodine  content  of  stock  solutions  was  determined  using  a 
Wallace  and  Tieman*  amperometrlc  titrator.  This  apparatus  measures 
the  decrease  of  an  applied  current  as  the  iodine  content  is  reduced  by 
the  addition  of  a standardized  solution  of  phenylarsine  oxide.  The  end- 
point is  taken  when,  on  further  addition  of  phenylarsine  oxide,  no 
decrease  in  current  i3  noted.  The  phenylarsine  oxide  solution  was 
standardized  at  0.1  ml  = 1.0  ppm  I2  using  a 200  ml  water  sample.  A 
micro  buret  graduated  in  .01  ml  units  permitted  determination  to  the 

* 

Wallace  and  Tieman,  Belleville,  New  Jersey. 
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nearest  - .01  ppm. 

Chlorine  residuals  were  determined  in  a similar  manner  as 
follows.  For  free  chlorine,  the  sample  was  buffered  at  pH  7.0  and 
titrated  with  phenylarsine  oxide.  The  reading  at  pH  7,0  represents  the 
free  chlorine  content.  At  this  point,  2 ml  of  a concentrated  potassium 
iodide  solution  (200  g Kl/liter)  was  added  and  the  titration  continued 
to  a second  endpoint.  The  quantity  of  phenylarsine  oxide  added  beyond 
the  first  endpoint  represents  the  concentration  of  mono chloramine.  At 
this  point,  2 ml  of  a concentrated  pH  4.0  acetate  buffer  was  added 
and  the  titration  continued  to  a third  endpoint.  This  last  quantity 
of  titrant  represents  the  concentration  of  dichloramines.  Nitrogen 
trichloride,  if  present,  would  be  titrated  partly  as  free  chlorine  and 
partly  as  dichloramine.  In  this  study  no  evidence  for  the  existence  of 
nitrogen  trichloride  was  found  in  any  of  the  solutions  prepared. 

For  spectrophotometric  studies  a Beckman  Ed  Spectrophotometer1" 
was  employed  using  1.0  cm  matched  cells,  and  the  instrument  was  operated 
with  minimum  slit  width. 

A Beckman  Model  76  expanded  scale  pH  meter  was  employed  for 
determining  pH  values. 

Preparation  of  High  Purity  Water 

Water  used  for  the  preparation  of  reagent  and  standard  iodine 
solutions  was  prepared  by  passing  distilled  water  through  a three  foot 

* 

Beckman  Instruments,  Inc.,  Fullerton,  California. 


column  of  Amberlite  I-AR,  a mixed  anionic- cationic  ion  exchanger.  This 
final  water  had  a specific  resistance  of  from  1.7  - 2.0  pmho/cm  at  25°C. 
The  iodine  demand  of  this  water  was  determined  by  adding  aliquots  of  a 
standard  iodine  solution  to  a known  volume  of  the  water  and  determining 
the  iodine  residual  as  a function  of  time.  The  iodine  solutions  pre- 
pared exhibited  excellent  stability  and  no  decrease  in  the  iodine 
residual  was  obtained  over  a period  of  several  days.  This  distilled 
and  demineralized  water  will  be  referred  to  as  distilled  water  in  this 
study. 

Preparation  of  Reagent  Solutions 

4,4* **  ,4"  Methylidynetris  (N.N-dimethylaniline)  solution.  This 
compound  is  commercially  available  as  Eastman  organic  chemical  No. 

3651.  Exactly  1.0  g was  dissolved  in  one  liter  of  distilled  water  con- 
taining 6 ml  of  70#  perchloric  acid.  The  pH  of  the  final  solution  should 
be  1.6  or  less.  If  the  pH  was  above  1.6,  the  solution  was  discarded, 
and  additional  perchloric  acid  added  a3  above  to  a second  solution  of 
the  compound.  The  initial  solution  was  carried  out  in  a brown  glass 
bottle  and  the  prepared  solution  was  protected  from  light  by  storage  in 
a brown  glass  or  opaque  plastic  bottle. 

Mixed  indicator  solution.  To  a given  volume  of  the  above  solu- 
tion there  was  added  8$  by  volume  of  an  aqueous  saturated  solution  of 
mercuric  chloride. 

* 

Mallinckrodt  Chemical  Works,  St.  Louis,  Missouri. 

** 

Distillation  Products  Industries,  Rochester,  New  York. 
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Acetate  buffer  pH  4.0.  The  buffer  solution  was  prepared  as 
follows:  480  g of  glacial  acetic  acid  and  243  g of  sodium  acetate  tri- 
hydrate, NaC^^02»3H^0  were  dissolved  in  400  ml  of  distilled  water  and 
made  up  to  one  liter. 

Procedure 

A stock  solution  of  elemental  iodine  was  prepared  and  standard- 
ized using  the  amperometric  titrator.  An  aliquot  of  this  stock  solu- 
tion was  added  to  a liter  of  distilled  water  in  a brown  glass  bottle. 
The  solution  was  analyzed  for  iodine  using  the  amperometric  titrator. 
Solutions  were  prepared  to  contain  iodine  in  the  concentration  range  of 
0.10  ppm  to  1.6  ppm. 

Preparation  of  standard  curve.  Exactly  50*0  ml  of  the  analyzed 
iodine  solution  was  pipetted  into  a 100  ml  volumetric  flask  and  the 
following  reagents  added: 

0.5  ml  acetate  buffer,  pH  4.0 
0.5  ml  mixed  indicator 

The  flask  was  swirled  to  mix  and  diluted  to  the  mark.  The 
absorbance  was  obtained  at  592  millimicrons,  using  1.0  cm  cells,  com- 
pared with  demineralized  water. 

Results 

The  absorbance  values  were  plotted  versus  iodine  concentration 


as  shown  in  Figure  7 
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Standard  Iodine  Absorption  Curve* 
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Effect  of  Chloramines 


Purpose  of  Study 

It  had  been  observed  that  a dilute  solution  of  chloramine  did 
not  immediately  produce  a color  upon  the  addition  of  the  mixed  indicator, 
but  that  a color  slowly  developed  over  a period  of  time.  However,  if  a 
pure  indicator  solution  containing  no  mercuric  chloride  were  added, 
color  development  was  more  rapid.  The  following  study  was  initiated 
to  determine  the  effect  of  the  variables  on  color  development. 

Preparation  of  Reagent  Solutions 

HgCl^  solution.  A saturated  HgCl^  solution  at  20°C  contains 
approximately  6.5  percent  by  weight  of  HgCl^  or  65  mg  HgCl^/ml.  The 
mixed  indicator  should  therefore  contain  12  volumes  of  indicator  solu- 
tion to  1 volume  of  saturated  HgCl^  solution  or  5 mg  HgCl^/ml.  There- 
fore, in  the  normal  test  procedure,  0.5  ml  of  mixed  indicator  or  2.5  mg 
HgCl2  was  added  to  a 50  ml  water  sample.  To  study  the  effect  of  HgCl2 
concentration  on  color  development  HgCl2  solutions  were  prepared  con- 
taining 0.5  rag,  0.05  and  O.OO5  mg  HgCl/ml,  thus  permitting  the  con- 
venient addition  of  lesser  (or  greater)  amounts  of  HgCl2  to  a 5°  ml 
sample  without  excessive  dilution. 

Indicator  solution.  A pure  indicator  solution  was  prepared  with 
no  addition  of  HgCl2. 

Procedure 

Gainesville  tap  water  provided  a convenient  source  of  mono- 
chloramine in  the  absence  of  free  chlorine.  A sample  was  analyzed  with 


- 52  - 


the  following  results. 


Constituent 

ppm  as  Cl2 

Free  chlorine 

0.0 

Mono chloramine  (NH2Cl) 

3.0 

Dichloramine  (NHClg) 

0.0 

Nitrogen  trichloride  (NCl^) 

No  evidence  of  presence 

The  tap  water  was  diluted  with  distilled  water  to  a concentration 
of  1.0  ppm  as  NH^Cl.  Exactly  50»0  ml  of  the  diluted  water  was  measured 
into  a 125  ml  flask  and  0.5  ml  of  acetate  buffer,  pH  4.0,  added, 
followed  by  a measured  volume  of  HgCl2  solution.  Next,  0.5  ml  of  indi- 
cator solution  was  added,  the  solution  mixed,  and  visually  observed  for 
color  formation  as  a function  of  time.  Visual  comparison  was  made  by 
placing  the  solution  in  a flat  bottom  test  tube  which  was  then  inserted 
into  a comparator  box  with  a mirror  at  the  bottom  such  that  a solution 
depth  of  about  9 cm  could  be  observed.  A test  tube  filled  with  dis- 
tilled water  to  the  same  depth  was  used  for  comparison.  Color  develop- 
ment was  observed  at  25°C  and  33°C. 

Results 

The  results  are  listed  in  Table  3. 

Discussion  of  results.  The  50  nil  sample  actually  contained  0.05 
mg  or  9. 7 x 10  moles  of  NHgCl.  The  color  retardation  appeared  to 
reach  its  maximum  when  1 x 10"6  moles  of  HgCl2  was  present,  indicating 
a 1 to  1 stoichiometry  for  the  reaction  between  HgCl~  and  NH„C1.  This 

' * C*  C* 

reaction  was  studied  and  the  results  will  be  reported  in  a later  section. 
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Table  3 

Visual  Comparison  of  Color  Development  in  the  Presence 

of  Mono chloramine 


HgCla  Added 
mg  moles 

Sample 
Temp . , 

• Time  Time 

°C  in  Sec.  First 

in  Minutes  for 
Color  Formation 

Jx 

5 x 10^ 

1.8  X 10"9 

23 

20 

0.8 

2.5  x 10”3 

9 x 10‘9 

23 

20 

1.5 

5 x 10“3 

1.8  x 10“8 

23 

20 

1.8 

1.5  x 10"2 

5.4  x 10’8 

23 

20 

2.0 

2.5  x 1(T2 

9 x 10"8 

23 

20 

2.5 

5 x 10’2 

1.8  x 10'7 

23 

20 

3.0 

2.5  x lO"1 

9 x 10‘7 

23 

20 

4.0 

3 x 1CT1 

1 x 10“6 

23 

20 

6.0 

3 X 10_1 

1 x 10'6 

23 

Simultaneously 

6.0 

3 X 10’1 

1 x 10"6 

33 

15 

5.0 

5 X 10"1 

1.8  x 10~6 

23 

Simultaneously 

7.0 

5 X 10-1 

1.8  x 10"6 

23 

20 

7.0 

1.0 

3.6  x 10'6 

23 

Simultaneously 

7.0 

2.0 

7.2  x 10'6 

23 

Simultaneously 

7.0 

2.0 

7.2  x 10-6 

23 

15 

7.0 

5.0 

1.8  x 10’5 

23 

Simultaneously 

7.0 

5.0 

1.8  x 10"5 

33 

Simultaneously 

5.0 

5.0 

1.8  x 10‘5 

23 

60 

13.0 

10.0 

3.6  x 10“5 

23 

Simultaneously 

7.0 

Conclusions 


The  addition  of  HgCl^  inhibited  the  reaction  between  mono- 
chloramine  and  the  indicator  thus  retarding  the  development  of  color 
for  7 and  5 minutes  at  sample  temperatures  of  23°C  and  33°C  respec- 
tively. . . 

A mercuric  chloride  concentration  equal  to  that  of  the  mono- 
chloramine produced  the  maximum  retardation  of  color  development. 
Mercuric  chloride  in  excess  of  this  concentration  had  no  further 
effect  on  the  rate  of  color  development. 

Initial  Study  of  Iodine  Residuals  in  the  Presence 
of  Monochloramine 

Experimental  Plan 

In  view  of  the  previous  results,  it  was  decided  to  evaluate  a 
combination  of  the  acetate  buffer,  pH  4.0,  and  the  mixed  indicator  for 
the  determination  of  iodine  in  the  presence  of  monochloramine.  In 
these  experiments  the  concentration  of  iodide  ion  would  be  varied. 

Procedure 

A large  sample  of  tap  water  was  analyzed  for  chlorine  residual 


as  follows 
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Constituent 


ppm  as  Cl2 


Free  chlorine 


0.0 


Monochloramine  (NH2Cl) 

DL chloramine  (NHC12) 
Nitrogen  trichloride  (NCI  ) 


No  evidence  for  presence 


0.0 


2.2 


8.8 


The  pH  was  adjusted  to  7.6  with  sulfuric  acid.  Portions  of  this 
water  were  diluted  with  distilled  water  to  contain  mono chloramine  in 
the  concentration  range  of  0. 3 ppm  to  1.5  ppm  as  Cl  . Aliquots  of  a 
standard  potassium  iodide  solution  were  added  to  the  samples  so  that 
the  final  volume  of  sample  contained  known  concentration  of  iodide  ion 
in  the  range  0.10  ppm  to  1.0  ppm. 

Preparation  of  standard  curve.  Fifty  ml  of  sample  water  was 
pipetted  into  a 100  ml  volumetric  flask  followed  by  the  addition  of 
0.5  ml  of  acetate  buffer,  pH  4.0,  and  0.5  ml  of  mixed  indicator.  After 
swirling,  the  sample  was  diluted  to  the  mark  with  the  same  tap  water 
solution  used  initially,  but  without  added  iodide..  This  was  to  prevent 
dilution  of  the  mono chloramine.  The  absorbance  was  measured  at  592  mu 
using  1.0  cm  cells  within  3 minutes  following  the  addition  of  the  mixed 
indicator. 


Results 


The  composition  of  the  solutions  and  the  absorbance  values  ob- 
tained are  tabulated  in  Table  4.  In  this  and  subsequent  studies  in  this 
chapter,  the  absorbance  values  are  those  obtained  after  the  sample  had 
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been  diluted  to  100  ml.  The  initial  reactant  concentration  was  there- 
fore adjusted  to  correspond  to  this  dilution.  An  initial  reactant  con- 
centration of  0.2  ppm  for  example  would,  after  dilution,  correspond  to 
a 0.1  ppm  solution.  All  concentrations  in  the  chapter,  except  where 
noted,  have  been  adjusted  in  this  manner. 

No  significant  increase  in  absorbance  was  obtained  in  a five 
minute  period  after  the  initial  color  development.  Even  after  ten 
minutes  in  most  cases  the  error  introduced  was  only  about  0.02  ppm. 

In  Figure  8 the  absorbance  values  are  plotted  versus  the  added 
iodide  concentration  in  ppm  (solid  line)  and  are  compared  with  the 
absorbance  curve  (dotted  line)  for  elemental  iodine  shown  previously 
in  Figure  7* 

From  Figure  8 it  will  be  noted  that,  at  equivalent  weight  con- 
centrations of  I and  I , I produced  twice  the  absorption  of  I . 
Assuming  a two  electron  change  for  the  oxidation  of  leuco  crystal 
violet,  it  was  obvious  that  the  I rau3t  have  been  oxidized  to  the  +1 
valence  state  or  to  HI0,  as  shown  in  reaction  (21). 

1“  + Cl2  + H£0  = HI0  + 2C1"  + H+  (21) 

For  the  elemental  iodine  system,  oxidation  of  leuco  crystal 
violet  may  proceed  by  reaction  with  I2  or  HI0  or  with  both  of  these 
species  simultaneously.  In  either  case  there  is  a two  electron  change 
and  from  the  hydrolysis  equilibrium  (7) 

1Z  + H2°  - HI0  + 1“  + H+  (7) 

the  same  equivalent  weight  of  iodine  would  be  available  for  the  overall 
reaction  whether  only  one  species  or  both  species  were  involved. 
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J*2  or  I , ppm 

Comparison  of  Elemental  Ip  and  I”  Absorption  Curves 
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As  expected,  one  mole  of  was  found  to  be  equivalent  to  one 
mole  of  HIO,  since  both  gain  two  electrons.  A plot  of  molar  concen- 
tration of  I and  I2  in  the  two  systems . versus  absorbance  values  is 
shown  in  Figure  9 and,  as  expected,  all  the  points  fall  on  the  same 
line.  . 

Conclusions 

Iodine  residuals  may  be  determined  in  the  presence  of  mono- 
chloramine provided  the  absorbance  of  the  sample  is  obtained  within 
five  minutes  after  mixed  indicator  addition. 

Determination  of  Iodine  Residuals  in  the  Presence 
of  Free  Chlorine 

Experimental  Plan 

The  previous  results  had  shown  that  monochloramine  does  not 
interfere  in  the  determination  of  iodine  for  a period  of  three  to  five 
minutes  after  indicator  addition.  In  preliminary  studies,  it  had  been 
observed  that  free  chlorine  reacts  instantaneously  with  the  indicator 
producing  a colored  product  with  a color  containing  more  blue  than 
the  normal  crystal  violet  solutions.  A logical  step  to  prevent  this 
interference  would  be  the  addition  of  an  ammonium  salt  to  the  mixture 
of  free  chlorine  and  iodine.  The  free  chlorine  would  be  expected  to 
react  with  the  ammonium  salt  whereas  iodine  would  not.  Representing 

the  free  chlorine  as  hypochlorous  acid,  H0C1,  the  following  reaction 
is  postulated. 

H0C1  + NH  = NH  Cl  +H0 

j £ c. 


(26) 


60 


£ 


°*°  l.o  2.0  3.0  4.0  5.0 

I""  or  Ig*  Holes  per  Liter  x 10^. 

Absorption  Curve  for  Oxidized  Iodide  Ion  and  Elemental  Iodine  Systems 
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The  chloramine  thus  formed  will  not  interfere  in  the  rapid  deter, 
raination  of  iodine  as  described  previously.  The  simplest  method  for 
adding  the  ammonium  salt  would  be  to  incorporate  it  in  a buffer  solu- 
tion to  be  added  prior  to  the  indicator  addition. 

Formation  of  Chloramines' 

The  following  equations  represent  the  three  possible  reactions 
between  ammonia  and  free  chlorine  as  hypochlorous  acid. 

H0C1  + NH3  = NH2C1  + H20  (26) 

2H0C1  + NH  = NHC1  + 2H  0 (27) 

J c.  c. 

3H0C1  + NH3  = NC13  + 3H20  (28) 

According  to  Chapin101  reaction  (26)  predominates  at  pH  of  8.5 
or  greater  while  (28)  takes  place  at  a pH  of  4.4  or  less.  Between 
these  two  extremes  all  three  reactions  proceed  simultaneously. 

Since  it  is  desirable  to  incorporate  the  ammonium  salt  in  a 
buffer  system,  the  following  study  was  carried  out  to  determine  the 
type  of  chloramine  formed,  rate  of  formation,  and  effect  of  reactant 
concentrations  at  a buffered  pH  4.0. 

Experimental  procedure.  A stock  chlorine  solution  was  prepared 
by  bubbling  chlorine  gas  into  distilled  water.  The  chlorine  concentra- 
tion was  determined  and  adjusted  by  dilution  so  that  1 ml  contained 

0.2  mg  Cl  . Using  distilled  water,  a solution  containing  1 mg  Cl  per 
c 2 

liter  (1.41  x 10"  ^ M)  was  prepared.  A 200  ml  sample  was  used  providing 
0.2  mg  Cl2  or  2.8  x 10  ^ moles.  For  this  amount  of  chlorine,  0.048  mg 
of  NH3  (2.8  x 10  6 moles)  would  be  required  according  to  the  stoichiom- 
etry of  equation  (26) . An  ammonium  sulfate  solution  was  prepared  such 
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that  1 ml  contained  0.048  rag  of  NH^ . 

A 200  ml  sample  of  the  chlorine  solution  was  transferred  to  the 
amperometric  titrator  cup  and  0.5  ml  of  pH  4.0  acetate  buffer  was  added. 
A predetermined  quantity  of  the  ammonium  sulfate  solution  was  added 
and  the  mixture  stirred  for  30  seconds.  Eight  ml  of  pH  7.0  phosphate 
buffer  was  then  added  and  the  solution  titrated  for  free  chlorine. 

The  procedure  was  repeated  adding  increasing  amounts  of  ammonium  sul- 


fate solution  until  no  free  chlorine  could  be  detected.  This  final 
solution  was  analyzed  for  mono chloramine  by  adding  to  the  solution  at 
pH  7*0  an  excess  of  a potassium  iodide  solution  and  subsequently  titra- 
ting with  phenylarsine  oxide.  Strong  pH  4.0  buffer  was  then  added  and 
the  titration  continued  for  dichloramine. 

Results.  The  results  are  given  in  Table  5.  The  data  indicate 
that  for  a total  reaction  time  of  2 minutes  at  25°C,  a ratio  of  3 moles 
of  Nftj  to  1 mole  of  Cl2  is  required  for  all  of  the  chlorine  to  be  in 
the  combined  form.  Only  monochloraraine  was  formed  under  the  conditions 


of  the  test. 


Formation  of  Chloramines  in  a Chlorine  Solution  Containing 
2.8  x 10-6  M0ies  ci2t  Temperature  24°C 
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Quantity  of  an  Ammonium  Salt  Needed  to  Remove  Free  Chlorine 

Experimental  plan»  Various  amounts  of  an  ammonium  salt  solution 
were  added  to  solutions  containing  a free  chlorine  residual  and,  after 
addition  of  buffer  and  indicator  solutions,  the  solution  was  observed 
for  color  development. 

Procedure . A solution  of  ammonium  acetate  was  prepared  con- 
taining 10  mg  NH3  per  liter.  A 50  ml  sample  of  the  chlorinated  water 
was  transferred  into  a 100  ml  flask  and  0. 5 ml  of  acetate  buffer,  pH 
4.0,  added.  A measured  volume  of  the  ammonium  acetate  solution  was  then 
added  followed  by  addition  of  0.5  ml  of  the  mixed  indicator  solution. 

The  development  of  color  was  visually  observed  as  described  previously. 

This  study  was  repeated,  in  part,  employing  an  ammonium  sulfate 
solution  added  to  provide  concentrations  of  NH^  equivalent  to  those 
added  using  ammonium  acetate. 

Results . The  results  are  shown  in  Table  6. 

Conclusions . Both  ammonium  acetate  and  ammonium  sulfate  in  the 
amount  of  5.8  x 10  moles  of  NH^  buffered  at  pH  4.0  removed  free 
chlorine  up  to  a concentration  of  2.0  ppm  Cl  and  inhibited  color  for- 
mation for  5 minutes.  A much  smaller  quantity  of  an  ammonium  salt  was 
required  to  remove  free  chlorine  when  added  prior  to  buffer  addition, 
i.e.  at  a higher  pH  value. 


Color  Development  in  Free  Cl  Solutions  With  Added  Ammonium  Salts 
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Preparation  of  Buffer  Systems 

It  was  decided  to  incorporate  ammonium  sulfate  rather  than 


ammonium  acetate  into  a pH  4.0  buffer  system  since  the  sulfate  produces 
solutions  with  a pH  range  of  4 to  5 whereas  the  use  of  the  acetate  pro- 
duces solutions  with  pH  values  near  7.0. 

From  Table  6 the  quantity  of  ammonium  sulfate,  as  NH  , required 

_4  ^ 

was  5.9  x 10  moles  per  50  ml  sample.  Therefore,  a sodium  acetate- 

acetic  acid  buffer  containing  ammonium  sulfate  was  prepared  so  as,  in 

a normal  test,  0.5  ml  of  this  buffer  would  contain  5.9  x 10”^  moles  of 


Buffer  Mo.  R-50.  The  following  reagents  were  dissolved  in  dis- 
tilled water  and  diluted  to  1 liter. 

glacial  acetic  acid  250  g 

sodium  acetate,  anhydrous  50  g 

ammonium  sulfate  100  g 

To  determine  its  buffer  capacity,  0.5  ml  samples  of  the  buffer  R-50 
were  added  to  50  ml  samples  of  distilled  water  and  a highly  buffered 
Florida  well  water,  with  the  following  results 
.Type  of  water  Initial  pH 

Distilled  5.3 

Well  water  8.0 


Final  pH 

3.9 

4.4.0 


Subsequent  work  revealed  the  fact  that  the  mixed  indicator  was 
not  completely  soluble  in  water  samples  containing  this  buffer. 
Apparently  the  additional  ammonium  sulfate  component  had  a salting  out 
effect  on  the  organic  indicator. 
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Buffer  R-51.  After  much  preliminary  work  the  following  buffer 
solution  was  found  to  be  effective  for  (1)  pH  control,  (2)  removal  of 
free  chlorine,  and  (3)  solubilizing  the  mixed  indicator  solution. 

The  following  were  mixed  together  and  designated  buffer  R-51. 

1 M citric  acid  solution  670  ml 

2 M NH^OH  solution  350  ml 

Ammonium  dihydrogen  phosphate  80  g 

Its  buffering  capacity  was  determined  in  the  following  manner.  In- 
creasing increments  of  buffer  R-51  were  added  to  100  ml  samples  of  dis- 
tilled water,  Gainesville  tap  water,  and  well  water,  and  the  pH  deter- 
mined after  each  addition.  The  results  are  shown  in  Table  ?. 


Table  7 

Control  of  pH  With  Buffer  R-51  Employing  a 100  ml  Water  Sample 


Buffer  R-51 
ml 

Distilled 

Water 

Gainesville,  Fla 
Tap  Water 

• 

Well  Water 

0 

500 

8.82 

7.80 

0.1 

4.10 

4.70 

6.83 

0.2 

4.08 

4.50 

5.60 

0.5 

4.00 

4.30 

4.80 

1.0 

4.00 

4.10 

4.30 

2.0 

4.00 

4.00 

4.10 

5.0 

3-90 

3.90 

4.00 

For  better  pH  control,  particularly  with  the  highly  buffered 
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well  water,  it  was  decided  to  adopt  as  standard  procedure  the  addition 
of  1.0  ml  of  buffer  R-51  to  a 50  ml  sample  rather  than  the  0. 5 ml  in 
the  previous  method. 

Determination  of  Iodine  Residuals  in  the  Absence  of  Free  Chlorine 

A standard  iodine  curve,  vising  elemental  iodine  solutions,  was 
prepared  and  compared  with  the  previous  standard  curve  in  which  the 
acetate  buffer  was  employed. 

Procedure.  Distilled  water  was  dosed  with  a stock  elemental 
iodine  solution  to  produce  iodine  residuals  in  the  concentration  range 
of  0,20  ppm  to  5*0  ppm.  Fifty  ml  samples  were  pipetted  into  a 100  ml 
volumetric  flask  and  to  each  was  added  1.0  ml  of  buffer  R-51  and  0. 5 ml 
of  mixed  indicator. 

The  above  solutions,  after  swirling  to  mix,  were  diluted  to 
100  ml  and  the  absorbance  was  measured  at  592  mp.  in  1.0  cm  cells.  Also, 
in  some  samples  the  quantity  of  mixed  indicator  was  increased  to  1.0  ml 
and  the  quantity  of  buffer  R-51  was  varied  from  0.5  ml  to  2.0  ml  to 
determine  the  effect  of  these  variables. 

Results . The  results  are  tabulated  in  Table  8 and  presented 
graphically  in  Figure  10.  This  absorption  curve,  obtained  with  buffer 
R-51,  is  compared  in  Figure  11  with  the  curve  obtained  previously  using 
the  acetate  buffer.  (Refer  to  Figure  7). 
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Table  8 

Determination  of  Elemental  Iodine  Residuals  in  Distilled 
Water  Employing  Buffer  R-51 


Iodine  Residual 
ppm 

Buffer  R-51 
ml  _ 

Mixed  Indi- 
cator, ml 

Absorbance, 
1.0  cm  cells 

0.12 

1.0 

0.5 

O.O35 

0.12 

1.0 

0.5 

O.O36 

0.25 

1.0 

0.5 

0.086 

0.25 

0.5 

0.5 

0.086 

0.25 

1.5 

1.0 

0.087 

0.25 

2.0 

1.0 

O.O83 

0.30 

0.5 

0.5 

0.101 

0.30 

1.0 

0.5 

0.098 

O.3O 

1.5 

1.0 

0.097 

0.30 

2.0 

0.5 

0.090 

0.40 

1.0 

0.5 

O.I3I 

0.40 

1.0 

0.5 

O.I3O 

0.60 

1.0 

0.5 

0.196 

0.60 

1.0 

0.5 

0.196 

0.80 

0.5 

0.5 

0.271 

0.80 

1.0 

0.5 

0.268 

0.80 

1.0 

0.5 

0.268 

0.80 

1.0 

0.5 

0.270 

1.11 

1.0 

0.5 

O.366 

1.11 

2.0 

1.0 

O.36O 

1.50 

0.5 

0.5 

0.500 

1.50 

1.0 

0.5 

O.502 

1.50 

2.0 

1.0 

0.485 

71 


o 0.2  0.4  0.6  0.8  1.0  1.2  1.4 

Iodine,  Ig,  ppm 

Fig.  10  - Standard  Iodine  Absorption  Curve  Employing  Citric  Acid  Buffer. 
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Comparison  of  Absorbance  Curves  for  Iodine  Employing  Acetate  Buffer  and  Citric  Acid 
Buffer  R-51. 
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Discussion  of  results.  Excellent  reproducibility  was  obtained 
on  duplicate  samples.  Increasing  the  quantity  of  buffer  to  1.5  ml  and 
the  mixed  indicator  to  1.0  ml  produced  no  significant  change  in  the 
final  absorbance  when  compared  with  the  absorbance  obtained  with 
lesser  amounts  of  buffer  and  mixed  indicator.  Increasing  the  buffer 
addition  to  2.0  ml  appeared  to  decrease  the  absorbance  to  a slight 
extent.  Reference  to  Figure  11  shows  that  the  absorbance  values  ob- 
tained with  buffer  R-51  are  less  than  those  obtained  with  the  acetate 
buffer  at  the  higher  iodine  residual  concentrations.  This  is  in  agree- 
ment  with  the  findings  of  Sheppard  and  Geddes  who  reported  that,  in 
some  cases,  increasing  the  concentration  of  inorganic  solute  and/or 

dye  in  dye  solutions  resulted  in  a decrease  in  the  main  absorption 
peak. 

Conclusions . Although  the  use  of  buffer  R— 51  resulted  in  a 
decrease  in  absorbance  compared  with  the  acetate  buffer  at  equivalent 
iodine  concentrations,  excellent  reproducibility  was  obtained  in  the 
desired  range. 

Determination  of  Iodine  in  an  Iodide  System  in  the  Absence  of  Free 
Chlorine  . 

Procedure . Aliquots  of  a stock  solution  of  elemental  iodine 
were  added  to  separate  samples  of  distilled  water.  Aliquots  of  a 
stock  solution  of  potassium  iodide  were  then  added  in  order  that  the 
final  solutions  would  contain  an  iodide  ooncentration  in  the  range  of 
5.0  to  20.0  ppm  I . A 50  ml  sample  was  measured  into  a 100  ml  flask 
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and  the  following  reagents  added. 

1.0  ml  buffer  R-51 
0.5  ml  mixed  indicator 

The  sample  was  diluted  to  100  ml,  and  the  absorbance  measured 
as  described  previously. 

Results . The  absorbance  values  obtained  for  each  iodine-iodide 
system  are  shown  in  Table  9.  By  reference  to  Figure  10,  the  apparent 
iodine  concentrations  were  obtained  and  are  also  shown  in  Table  9. 

Table  9 

Determination  of  Iodine  in  an  Iodide  System  in  the 
Absence  of  Free  Chlorine 


Iodine,  Ia 
ppm 

Iodide,  l“ 
ppm 

Absorbance,  592  mp 
1.0  cm  cell 

I 2 Concentration 
from  Figure  10 

0.11 

5-0 

O.O33 

0.11 

0.11 

5.0 

O.O35 

0.11 

0.37 

10.0 

0.120 

0.37 

0.37 

10.0 

0.117 

O.36 

0.37 

20.0 

0.119 

0.37 

0.62 

5.0 

0.201 

0.61 

0.62 

10.0 

0.204 

0.62 

1.00 

10.0 

O.326 

0.99 

1.00 

20.0 

0.322 

0.98 
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Conclusions . Iodine  may  be  accurately  determined  in  the  presence 
of  iodide  ions  up  to  a concentration  of  20  ppm  I-. 

Determination  of  Iodine  Residuals  in  the  Presence  of  Free  Chlorine 

Procedure.  An  aliquot  of  a standard  solution  of  free  chlorine 
was  added  to  approximately  800  ml  of  distilled  water  in  a 1 liter 
volumetric  flask.  To  this  was  added  an  aliquot  of  a standard  solution 
of  potassium  iodide  and  the  mixture  was  made  up  to  the  mark  with  dis- 
tilled water.  After  thoroughly  mixing,  a 50  ml  sample  was  treated  with 
buffer  R-51  and  mixed  indicator,  diluted  to  100  ml,  and  the  absorbance 
obtained  as  described  previously.  This  procedure  was  repeated  for 
samples  containing  free  chlorine  in  the  concentration  range  of  0.28  ppm 
to  2.11  ppm  and  iodide  ion  in  the  concentration  range  of  0.05  ppm  to 
0.5  ppm  l“. 

Results . Iodine  concentrations  were  found  by  referring  to 
Figure  10.  As  shown  previously,  one  part  by  weight  of  iodide  ion  in 
this  system  is  equivalent  in  oxidizing  power  to  two  parts  by  weight  of 
elemental  iodine.  The  results  of  this  study  are  shown  in  Table  10. 

Since  this  is  an  hypoiodous  acid,  HIO  system,  the  equivalent  HI0  for 
each  iodide  concentration  is  also  shown  in  Table  10. 

Conclusions . Iodine,  as  HIO,  may  be  determined  accurately  in 
the  presence  of  an  excess  of  as  much  as  2.0  ppm  free  chlorine.  The 
oolored  solutions  exhibited  excellent  stability  for  a period  of  5 


minutes  or  more. 


Determination  of  Iodine  Residuals  in  the  Presence  of  Free  Chlorine 
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Conversion  of  Elemental  Iodine  to  Hypoiodous  Acid 

Elemental  iodine  added  to  a system  containing  a small  excess  of 
free  chlorine  would  be  expected  to  be  converted  entirely  to  hypoiodous 
acid.  This  was  confirmed  as  follows. 

Procedure . Free  chlorine  solutions  were  prepared  as  described 
previously  and  to  these  were  added  aliquots  of  an  elemental  iodine 
solution.  The  iodine  content  was  determined  as  described  previously 
and  the  results  are  shown  in  Table  11. 

Table  11 

Formation  of  Hypoiodous  Acid  From  Elemental  Iodine 


Initial 
Cl„  ppm 

Added 
1 2*  PPm 

Theoretical 
Cl2  Unre- 
acted, ppm 

Equiva- 
lent HIO 
ppm 

Absor- 

bance 

Equiva- 
lent 1 2 
Fig.  10 

Absor- 
bance at 
5 min. 

0.52 

0.2 

0.46 

0.226 

O.I34 

0.41 

O.I34 

0.31 

0.2 

0.25 

0.226 

0.132 

0.40 

O.I33 

0.31 

0.4 

0.19 

0.454 

O.263 

0.795 

O.263 

0.68 

0.5 

0.54 

0.567 

O.332 

I.05 

O.333 

0.43 

0.6 

0.26 

0.681 

0.400 

1.21 

0.400 

Conclusions . Elemental  iodine  is  converted  entirely  to  hypo- 
iodous acid,  HIO,  by  free  chlorine  and  may  be  determined  accurately  by 
this  colorimetric  method. 
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The  Standard  Absorption  Curve  for  HIP 

Since  iodide  ions  and  elemental  iodine  are  both  converted  to 
hypoiodous  acid  by  free  and  combined  chlorine,  a standard  adsorption 
curve  for  hypoiodous  acid  was  prepared  and  presented  in  Figure  12. 

The  concentration  and  absorption  values  given  in  Tables  10  and  11  were 
used  to  construct  Figure  12. 


Determination  of  Iodine  in  the  Presence  of 
l,3-dichloro-5, 5-dime thy lhydantoin 


Experimental  Plan 

This  compound  may  be  obtained  as  a 100  percent  active  product 

* 

under  the  trade  name  HIO-Dine.  - The  structural  formula  is  shown  below. 

cm 


¥ 


Cl 


c c 


Cl 

It  is  claimed  that  one  of  the  chlorine  substituents  is  readily 
hydrolyzed  in  aqueous  solution  resulting  in  the  immediate  oxidation 
of  iodide  ion  to  HIO.  The  second  chlorine  substituent  hydrolyzes  more 
slowly  and  provides  a continuous  oxidizing  medium  to  maintain  the 
desired  HIO  residual. 

It  was  decided  to  use  the  well  water  obtained  from  Lowell, 


Trademark  of  Nease  Chemical  Co.,  Inc.,  State  College,  Pa. 
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Fig.  12  - Standard  Hypoiodous  Acid  Absorption  Curve 
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Florida  in  this  study  to  determine  of  the  constituents  normally  present 
in  a raw  water  supply  would  interfere  in  the  iodine  determination.  The 
water  from  a well  designated  No.  3 was  obtained  and  analyzed.  The 
normal  chemical  analysis  is  shown  in  Table  12.  The  chloride  content 
of  this  water  was  initially  analyzed  at  5 ppm  Cl".  Since  most  swimming 
pool  waters  normally  contain  much  more  Cl",  a solution  of  pure  NaCl  was 
added  to  produce  a final  concentration  of  55  ppm  Cl".  In  addition,  a 
10  liter  sample  of  this  water  was  evaporated  to  dryness  in  a vacuum 
still  and  spectroscopically  analyzed  for  trace  elements.  An  approxi- 
mate concentration  range  for  these  trace  elements  is  shown  in  Table  13. 

The  effect  of  increased  sample  temperature  was  studied  since 
many  pool  waters  on  hot  summer  days  may  reach  a temperature  as  high 
as  33°C. 

Procedure 

A stock  solution  of  HIO-Dine  was  prepared  and  standardized  to 
contain  O.O3  mg  Cl2  per  ml.  Approximately  4 liters  of  well  water, 
initial  pH  7.4,  were  adjusted  to  pH  7.0  with  sulfuric  acid.  About 
400  ml  of  this  water  was  transferred  to  a 500  ml  volumetric  flask  and 
aliquots  of  the  HIO-Dine  solution  and  of  a standard  potassium  iodide 
solution  added  in  order  that  the  final  volume  would  produce  the 
desired  concentrations.  The  solutions  were  diluted  to  the  mark  with 
well  water,  mixed,  and  50  samples  analyzed  for  iodine  residuals  as 
previously  described. 

In  order  to  determine  the  effect  of  temperature  on  color  develop- 
ment, portions  of  the  well  water  were  heated  to  a few  degrees  above  the 
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Table  12 

Chemical  Analyses  of  Water  From  Well  No.  3*  Lowell,  Florida 


Constituent 

Parts  per  million 

Total  dissolved  solids 

230. 

Silica,  SiOa 

11. 

Iron,  Fe 

0.05 

JJ, 

Calcium,  Ca 

64. 

4 1 1* 

Magnesium,  Mg 

7.5 

Sodium  and  potassium,  as  Na+ 

34.4* 

Bicarbonate  ion,  HC03” 

205. 

Sulfate  ion,  S04“ 

6.5 

Chloride  ion,  Cl” 

** 

55.0 

Nitrate  ion,  N03" 

2.2 

Fluoride. ion,  F” 

0.10 

Temp  °C 

21.5 

pH 

7.4 

* 

Corrected  for  NaCl  added 


Includes  50  ppm  Cl”  added  as  NaCl 
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Table  13 

Trace  Elements  in  Water  From  Well  No.  3 


Element 

Concentration  Range,  ppb 

Boron,  B 

2.3-23 

Chromium,  Cr 

23-23O 

Copper,  Cu 

23-23O 

Manganese,  Mn 

23-230 

Nickel,  Ni 

2 .3-23 

Strontium,  Sr 

23-230 

Titanium,  Ti 

23-230 

Silver,  Ag 

0.23-2.3 

desired  temperature  range  to  allow  for  cooling  on  subsequent  sample 
measurements.  The  temperature  of  the  determination  was  taken  as  the 
temperature  measured  on  a 50  ml  sample  just  prior  to  addition  of 
reagents . 

Results 

The  results  are  shown  in  Table  14.  The  apparent  HIO  concentra- 
tions were  obtained  from  Figure  12  using  the  absorbance  values  obtained 
in  the  two  minute  reading.  Excellent  agreement  was  obtained  between 
calculated  HIO  residuals  and  analytically  determined  HIO  residuals 
within  a 2 to  3 minute  reading  period.  The  absorbance  values  appeared 


Determination  of  Iodine  Residuals  in  the  Presence  of  l,3-Dichloro-5, 5-diroe thy lhydantoin 
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to  increase  more  rapidly  than  in  previous  studies  possibly  due  to  the 
slow  hydrolysis  of  the  second  chlorine  substituent  on  the  organic 
molecule . 

Conclusions 

Iodine  residuals,  as  HIO,  may  be  accurately  determined  in  the 
presence  of  an  excess  of  l,3-dichloro-5,5-8imethylhydantoin  provided 
the  sample  is  read  within  2 or  3 minutes  after  reagent  addition. 
Constituents  normally  present  in  a water  supply  and  a chloride  concen- 
tration as  high  as  55  PPm  Cl  do  not  interfere  with  the  determination. 

Rate  of  Color  Development  by  Monochloramines 

Experimental  Plan 

In  the  previous  studies,  it  has  been  shown  that  iodine  residuals 
may  be  accurately  determined  in  the  presence  of  both  free  and  combined 
chlorine  provided  the  sample  is  read  within  2 to  3 minutes.  In  this 
present  study  the  rate  of  color  development  by  mono chloramine  as  a 
function  of  time  and  temperature  and  the  error  introduced  thereby  was 
determined. 

Procedure 

A large  sample  of  Gainesville  tap  water  was  obtained  and  analyzed 


for  chlorine  residuals  as  follows. 
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ppm  as  Cl 2 


Free  chlorine 

Mono chloramine  (NH2C1) 

Dichloramine  (NHC12) 


0.0 

2.1 

0.0 


Nitrogen -trichloride  (NC13)  No  evidence  for  presence 
Portions  of  this  water  were  diluted  with  distilled  water  to  pro- 
duce samples  containing  monochloramine,  as  Cl2,  in  the  concentration 
range  of  0.1  ppm  to  2.0  ppm  Cl2 . Fifty  ml  aliquots  of  each  sample 
were  then  treated  with  buffer  R-51  and  mixed  indicator  as  previously 
described,  and  the  absorbance  obtained  as  quickly  as  possible.  The 
absorbance  was  then  read  as  a function  of  time • In  order  to  evaluate 
the  effect  of  temperature,  the-  samples  were  heated  just  prior  to 
reagent  addition. 


Results 

The  results  are  presented  in  Table  15  where  the  apparent  HE0 
reading,  from  Figure  12,  is  shown  as  a function  of  time.  The  results 
are  shown  graphically  in  Figures  13  and  14  for  monochloramine  concen- 
trations of  0.4  ppm  Cl2  and  1.4  ppm  Cl2 , respectively,  where  the 
apparent  HI0  concentration  is  plotted  versus  time. 


Conclusions 

Inspection  of  Table  15  and  Figures  13  and  14  shows  that  the  rate 
of  color  development  is  increased  as  (1)  the  temperature  is  increased, 
and  (2)  as  the  concentration  of  monochloramine  is  increased.  If  the 
sample  is  read  within  two  minutes  an  error  of  0.01  ppm  HI0  or  less 
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results  even  with  a high  concentration  of  combined  chlorine  at  a high 
temperature . A five  minute  reading  period  introduces  an  error  of 
about  0.02  ppm  as  HIO. 


OJiZ 


88 


w 

48 

g 


4) 


Fig.  13  - Color  Development  in  the  Presence  of  Mono chloramine*  NH?C1  as  Cl?  =0.4  ppm. 
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Time,  minutes 

Fig.  14  - Color  Development  in  the  Presence  of  Mono chloramine;  NH?C1  as  Cl?  = 1.4  ppm 
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Table  15 

Rate  of  Color  Development  in  the  Presence  of  Mono  chloramines 


NH^Cl  as  Cl^  Sample 

Initial  Temp, 

ppm  °C. 


0.1 

24 

.002 

<r\- 

0 

0 

. 

0 

0 

. 

.004 

.004 

O 

O 

. 

0.1 

32 

.003 

.004 

.004 

.005 

• 

O 

O 

.006 

0.4 

24 

.002 

.003 

.004 

.005 

vr\ 

O 

O 

• 

.006 

0.4 

32 

0^ 

0 

0 

. 

.004 

.005 

.006 

.006 

.008 

0.8 

24 

0^ 

0 

0 

. 

.004 

.004 

• 

O 

O 

.007 

.010 

0.8 

32 

.003 

.004 

.006 

.008 

.008 

.011 

1.4 

24 

.004 

V'v 

0 

0 

. 

.006 

.008 

.007 

.010 

1.4 

32 

.005 

.006 

.007 

.010 

.009 

1 — 1 
0 

• 

2.0 

24 

.004 

.005 

.006 

.008 

. 

0 

0 

-v3 

.010 

2.0 

32 

.006 

.008 

.008 

.011 

.010 

.014 

Absorbance 

1.5  Minutes  2.0  Minutes  3.0  Minutes 

HTO  . HEO  BIO 

Abs.  -ppm  Abs.  ppm  Abs.  ppm 


- 91  - 


Table  15  - Extension 


Aosorbance  - Continued 

**.0  Minutes 

5.0  Minutes 

10  Minutes 

15  Minutes 

20 

mo 

mo 

mo 

mo 

mo 

Abs.  ppm 

Abs . ppm 

. Abs.  ppm 

Abs . ppm 

Abs.  ppm 

.004 

o 

o 

. 

0 

0 

. 

.006 

.007 

.010 

.010 

.014 

.012 

.016 

.006 

.008 

.009 

.013 

.014 

.018 

.018 

.021 

.025 

.031 

.006 

.008 

.008 

.011 

.012 

.016 

.015 

.019 

.018 

.021 

.009 

.013 

.012 

.016 

.018 

.021 

.022 

.029 

.029 

.039 

.008 

.011 

.010 

.014 

.013 

.017 

.020 

.025 

.025 

.031 

.009 

.013 

.011 

.015 

.018 

.021 

.022 

.029 

.029 

.039 

.009 

.013 

.012 

.016 

.017 

.020 

.021 

.027 

.034 

.050 

.010 

.014 

.015 

.019 

.020 

.025 

.026 

.033 

.036 

.053 

.010 

.014 

.014 

.018 

.020 

.025 

.026 

.O33 

.O34 

.050 

.012 

.016 

.018 

.021 

.025 

.031 

.030 

.040 

.038 

.058 

V.  DETERMINATION  OF  IODIDE  AND  IODATE  IONS 


Introduction 

ihe  use  of  iodine  for  the  disinfection  of  water  requires  not 
only  that  the  disinfecting  iodine  residual  be  easily  determined  but 
that  the  two  other  principal  forms  of  iodine,  namely  the  iodide  and 
iodate  ion,  be  also  simply  and  accurately  determined.  The  determina- 
tion of  all  three  residuals  has  been  made  mandatory  in  view  of  the 
tentative  recommendation  made  by  the  U.  S.  Public  Health  Service9  that 
the  total  concentration  of  iodine  in  all  forms  shall  not  exceed  5 ppm. 

The  disinfection  procedure  employing  iodine  and  a "bank"  of 
iodide  ions  has  been  discussed  previously.  The  need  in  this  system 
for  the  determination  of  iodide  ions  centers  on  (1)  maintaining  a 
source  from  which  iodine  may  be  produced,  (2)  economics,  and  (3)  color 
control.  The  use  of  an  excessive  iodide  ion  concentration  would  be 
economically  unfavorable  as  the  water  lost  by  splashing,  backwashing 
of  filters,  and  drainage  would  represent  loss  of  valuable  product. 
Color  control  has  been  discussed  previously  and  involves  keeping  the 
iodide  concentration  sufficiently  high  to  provide  for  a source  of  dis- 
infectant but  not  so  high  as  to  substantially  reverse  the  equilibrium 
and  increase  the  concentration  of  colored  free  iodine. 

In  waters  containing  an  excess  of  an  oxidant  there  would  not 
be,  in  normal  operation,  an  iodide  residual  present.  However,  a 
method  for  iodide  ion  determination  would  still  be  desirable  as  the 
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presence  of  an  iodide  residual  would  indicate  a loss  of  the  oxidant 
necessary  for  effective  disinfection. 

Regardless  of  the  disinfection  procedure  followed,  a simple  test 
for  iodate  residuals  is  very  desirable  as  an  increase  in  iodate  concen- 
tration signifies  unsatisfactory  pool'  operation,  particularly  pH  con- 
trol, and  again  represents  a loss  of  valuable  product. 

The  objective  of  this  study  is  to  extend  the  previously  devel- 
oped method  for  iodine  to  include  both  iodide  and  iodate  ions  in  a 
simple  colorimetric  test. 

Method  for  Determining  Iodide  Ion 
Experimental  Plan 

Previously  it  had  been  shown  that  iodide  ion  when  placed  in  a 
strong  oxidizing  medium,  e.g.  a solution  of  chloramines  or  free  chlorine, 
is  quantitatively  oxidized  to  hypoiodous  acid  and  subsequently  may  be 
determined  in  this  form.  This  would  be  a perfectly  suitable  laboratory 
method,  but  for  field  testing,  solutions  of  chloramines  and  free 
chlorine  lack  the  necessary  stability  required  for  portable  reagents. 
Also,  it  would  be  desirable  that  the  oxidant  employed  effect  only  a 
one  electron  change  relative  to  the  iodide  ion  producing  elemental 
iodine  exclusively  without  further  oxidation  to  hypoiodous  acid.  In 
this  case,  an  iodine  residual  would  be  first  determined  in  the  normal 
manner  and  in  a second  sample,  after  addition  of  the  oxidant,  the  total 
iodine  and  iodide  would  be  determined.  The  increased  absorbance  due 
to  the  oxidized  iodide  ion  would  simply  be  additive  with  respect  to 
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the  absorbance  obtained  with  an  iodine  residual.  If  hypoiodous  acid 
were  produced  in  this  step  a correction  factor  would  be  required  for 
the  increased  absorbance. 

Fortunately,  the  first  oxidant  evaluated  met  all  of  the  criteria 

mentioned  above.  This  reagent  was  potassium  peroxymonosulfate,  KHSO^, 

102 

which  had  recently  been  reported  by  Kennedy  and  Stock  as  an  effec- 
tive oxidizing  agent  in  organic  reactions. 

The  standard  electrode  potential,  E°,  for  the  peroxymonosulfate 
ion  is  + 1.44  volts  for  the  reaction: 

HSO^"  + 2H+  + 2e~  = HSO^"  + H2 0 (29) 

This  reagent  would  be  expected  to  oxidize  the  iodide  ion  to  some  form 
of  iodine  residual  as  shown  by  the  following  standard  electrode 
potentials: 

I2  + 2e"  = 21“  E°  = +0.536  v.  (30) 

HIO  + H+  + 2e~  = I'  + HO  E°  = + 0.99  v.  (3I) 

With  the  very  high  E°  value  of  1.44  v.  one  might  expect  the 
chloride  ion  to  be  oxidized  to  chlorine, 

Cl2  + 2e"  = 2C1"  E°  = + 1.3595  v.  (32) 

and  also  the  leuco  crystal  violet  to  the  colored  form.  However,  data 
to  be  presented  show  that  due  to  possible  sterochemical  or  kinetic 
factors,  the  oxidation  of  chloride  ions  and  leuco  crystal  violet  does 
not  occur  to  any  appreciable  extent  within  the  limits  of  the  proposed 


method 
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Procedure 


Potassium  peroxymo no sulfate  may  be  obtained  in  the  commercial 
product  Oxone  which  is  a stable  powdered  mixture  of  the  following 
composition. 


Ingredient 


Weight  Percent 


Active  Oxygen 
Percent* 


Potassium  peroxymonosulfate,  KHSO^ 

42.8 

U>5 

Potassium  hydrogen  sulfate,  KHS0, 

25.1 

Potassium  sulfate,  KoS0. 

2 H' 

32.1 

100.0 


Active  oxygen  refers  to  the  oxygen  in  excess  of  that  required 
to  form  the  bisulfate  as  follows: 

KHSOj,  = KHSO^  + [0]  , where  [o]  = active  oxygen  (33) 


A 1.0  g sample  of  Oxone,  containing  0.428  g of  KHSO^,  was  dis- 
solved in  1 liter  of  distilled  water.  A solution  containing  0.50  parts 
per  million  iodide  ion  was  prepared  and  a 50  ml  portion  was  measured 
into  a 100  ml  flask.  To  this  was  added  0.5  ml  of  acetate  buffer,  pH 
4.0,  followed  by  0.05  ml  of  the  Oxone  solution.  After  the  solution 
was  allowed  to  stand  three  minutes,  0.5  ml  of  the  mixed  indicator  was 
added,  the  sample  diluted  to  100  ml,  and  the  absorbance  obtained  as 
described  previously.  This  three  minute  reaction  time  was  arbitrarily 
selected  based  on  the  preliminary  observation  that  a reaction  time 
would  be  required  for  full  color  development.  This  procedure  was 

Trademark  of  E.  I.  DuPont  de  Nemours  arid  Co.,  Inc.,  Wilmington, 
Delaware . 
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repeated  adding  increasing  increments  of  the  Oxone  solution.  The 
results  are  given  in  Table  16. 

The  results  indicate  that  in  the  range  of  0.2  ml  to  1.8  ml  of  the 
Oxone  solution  per  50  nil  sample,  the  iodide  ion  was  accurately  deter- 
mined. A blank  showed  no  appreciable • absorbance  until  1.6  ml  of  the 
Oxone  solution  was  added.  The  approximate  midpoint  of  this  range 
would  be  0.8  ml  and  since  for  convenience  it  would  be  desirable  to  add 
0.5  ml,  the  strength  of  the  Oxone  solution  was  increased  to  1.5  g/l. 

The  effect  of  reaction  time  on  the  final  absorbance  was  studied 
by  treating  50  ml  of  iodide  solution  as  follows: 

0.5  ml  acetate  buffer,  pH  4.0 
0.5  ml  Oxone  solution  (1.5  g/l) 

The  reaction  time  was  taken  as  the  time  between  the  first 
addition  of  Oxone  solution  and  the  first  addition  of  the  mixed  indica- 
tor. The  reaction  time  was  varied  from  15  seconds  to  6 minutes.  After 
adding  the  mixed  indicator,  the  sample  was  diluted  to  100  ml  and  the 
absorbance  obtained.  The  results  are  shown  in  Table  17. 
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Table  16 

Evaluation  of  Oxone  Solution  for  Determination  of  Iodide  Ion . 
Reaction  Time  = 3 minutes.  Temp.  25°C. 


Oxone  Solution 
(1.0  g/1),  ml 

Iodide 
• PPra  . 

' Absorbance 

Figure  7 
la.  PFm 

0.05 

0.25 

0.058 

0.16 

0.05  (B) 

0.0 

0.001 

* 

nil 

0.10 

0.25 

0.065 

0.19 

0.10  (B) 

0.0 

0.001 

nil 

0.15 

0.25 

0.080 

0.24 

0.15  (B) 

0.0 

0.001 

nil 

0.20 

0.25 

0.088 

0.25 

0.20  (B) 

0.0 

0.001 

nil 

0.30 

0.25 

0.086 

0.25 

0.30  (B) 

0.0 

0.001 

nil 

0.50 

0.25 

0.087 

0.25 

0.50  (3) 

0.0 

0.002 

nil 

0.60 

0.25 

0.090 

0.26 

0.60  (B) 

0.0 

0.002 

nil 

0.80 

0.25 

0.085 

0.25 

0.80  (B) 

0.0 

0.001 

nil 

1.00 

0.25 

0.086 

0.25 

1.00  (B) 

0.0 

0.002 

nil 

1.20 

0.25 

0.088 

0.25 

1.20  (B) 

0.0 

0.002 

nil 
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Table  16  - 

Continued 

Oxone  Solution 
(1.0  g/1),  ml 

Iodide 

ppm 

Absorbance 

Figure  7 
I2»  PPm 

1.40 

• 0.25 

0.089 

0.26 

1.40  (B) 

0.0 

0.002 

nil 

1.60 

0.25 

0.086 

0.2  5 

1.60  (B) 

.0.008 

0.005 

0.086 

1.80 

0.2  5 

0.080 

0.23 

1.80  (B) 

0.0 

0.007 

0.018 

2.00 

0.25 

0.077 

0.22 

2.00  (B) 

0.0 

0.007 

0.018 

2.50 

0.25 

0.070 

0.20 

2.50  (B) 

0.0 

0.007 

0.018 

* 

Less  than 

0.005  PPra.  B 

= blank. 
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Table  17 

Effect  of  Reaction  Time  in  the  Determination  of  Iodide  Ion. 
Oxone  Solution  (1.5  g/l).  Temp.  25°C. 


Iodide 
ion,  ppm 

Reaction  Time 
Min.-  Sec..; 

Absorbance 

Figure  7 
Iodine,  ppm 

0.50 

0:15 

0.150 

0.44 

0.50 

0:30 

0.161 

0.48 

0.50 

0:45 

0.168 

0.50 

0.50 

1:00 

0.169 

0.50 

O.50 

1:15 

0.171 

0.50 

0.50 

1:30 

0.169 

0.50 

0.50 

1:45 

0.165 

0.49 

0.50 

2:00 

0.168 

0.50 

0.50 

2:30 

0.173 

0.51 

0.50 

3:00 

0.171 

0.50 

0.50 

3:30 

0.164 

0.49 

0.50 

4:00 

0.166 

0.49 

0.50 

4:30 

O.I63 

0.48 

0.50 

5:00 

0.160 

0.47 

0.50 

5: 30 

0.150 

0.45 

0.50 

6:00 

0.145 

0.42 

The  results  clearly  indicate  that  at  25°C,  a reaction  time  of 
one  minute  to  three  minutes  is  sufficient  to  accurately  determine 
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iodide  ion  residuals. 

In  the  previous  study  about  two  to  three  minutes  elapsed  be- 
tween mixed  indicator  addition  and  absorbance  reading.  The  stability 
of  the  color  as  a function  of  time  and  sample  temperature  was  next 
studied  as  follows. 

Taking  one  minute  as  the  optimum  reaction  time,  the  developed 
color  was  measured  at  time  intervals  on  samples  initially  at  25°C 
and  33 °C.  The  results  are  shown  in  Table  18.  Inspection  of  Table  18 
shows  that  the  colors  are  very  stable  for  five  minutes  at  25°C  and 
about  four  minutes  at  33°C»  Obviously,  the  strong  oxidant,  KHSO^,  was 
responsible  for  the  slow  increase  in  color. 

Since  the  concentration  of  iodide  ion  residuals  in  pool  waters 
would  be  in  the  order  of  1,5  ppm  to  2.0  ppm  and,  in  some  cases,  higher, 
the  range  of  iodide  ion  concentration  that  may  be  determined  was  in- 
vestigated. 

Distilled  water  was  dosed  with  a standard  iodide  solution  to 
contain  an  iodide  ion  residual  in  the  range  of  0.2  ppm  to  4.0  ppm. 
Fifty  mL  samples  were  treated  as  described  previously  with  a reaction 
time  of  1 to  1.5  minutes  and,  after  dilution  to  100  ml,  the  absorbance 

was  read  within  five  minutes  after  initial  color  development.  The 

/ 

results  are  shown  in  Table  19.  Figure  15  shows  a plot  of  absorbance 
values  versus  iodide  ion  in  parts  per  million.  Reference  to  Figure  7 
shows  that  the  previously  determined  elemental  iodine  curve  and  the 
curve  in  Figure  15  coincide  so  that  in  a determination  for  iodide  ion 
in  the  presence  of  iodine,  the  absorbance  values  for  each  should  be 


Color  Stability  in  the  Determination  of  Iodide  as  a Function  of  Time  and  Sample  Temperature. 

Reaction  Time  - 1.0  Minutes 
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Table  19 

Determination  of  Iodide  Ion  Residuals  in  Distilled  Water 


I",  ppm  Absorbance,  592  mp,  1.0  cm  cell 


*•  % 

0.1 

O.O34 

0.1 

O.O36 

0.2 

0.064 

0.2 

0.065 

0.4 

0.135 

0.4 

O.I36 

0.6 

0.204 

0.6 

0.20? 

1.0 

O.336 

1.0 

0.337 

1.4 

0.470 

1.4 

0.475 

1.6 

0.540 

1.6 

O.542 

2.0 

0.672 

2.0 

0.675 

additive.  An  extensive  evaluation  was  carried  out  to  determine  if 
these  absorbance  values  are  additive  and  to  evaluate  the  effect  of 
constituents  normally  present  in  water  supplies.  Samples  of  well 


0.4 
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Fig.  15  - Standard  Iodide  Absorption  Curve 
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water  previously  mentioned  were  dosed  with  both  an  iodine  and  iodide 
ion  residual  and  colorimetric  tests  were  performed  for  iodine  and 
total  iodine-iodide  residuals.  To  make  this  test  more  rigorous,  a 
solution  of  NaCl  was  added  so  that  the  final  water  contained  100  ppm 
Cl  . An  iodate  residual  may  also  be  present  in  swimming  pool  water, 
and  therefore,  a sufficient  quantity  of  standard  KIO^  solution  was 


also  added  such  that  the  final  sample  contained  0.5  ppm  I0^“.  In 
addition,  buffer  R-51  was  evaluated  to  determine  if  this  buffer  system 
was  suitable  for  the  determination  of  both  iodine  and  iodide  ion 
residuals.  Several  samples  were  also  determined  at  elevated  tempera- 
tures. The  results  are  shown  in  Table  20. 


Discussion  of  Results 

The  data  presented  clearly  indicate  that  an  iodide  residual 
may  be  accurately  determined  either  individually  or  by  difference  in 
a total  iodine-iodide  residual  determination.  The  conditions  of  the 
test  are  not  rigorous  but  do  require  adherence  to  a certain  time  limit 
for  the  iodide  oxidation  step  and  for  the  period  in  which  to  read  the 
absorbance  of  the  developed  color.  Constituents  normally  present  in 
waters  do  not  interfere  and,  within  the  limits  of  the  test,  high  pool 
water  temperatures  have  a negligible  effect  on  the  development  and 
stability  of  the  final  color. 

Of  primary  importance  is  the  finding  that  KHSO^,  under  the  con- 
ditions of  the  test,  oxidizes  l“  to  I rather  than  HI0.  This  is  evi- 
dent from  an  inspection  of  Table  20  in  that  the  total  iodine-iodide 
residual  is  determined  accurately  from  the  absorption  curve  for  an 
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Table  20 

Determination  of  All  Iodine  Residuals  in  Well  Water 
Containing  Added  Chloride  and  lodate  Ion 


Samel 
I2»  PPm 

.e  Contains: 
i".  ppm  I 

+ I”,  ppm 

Temp. 
• °C. 

Buffer 

0.25 

0.50 

0.75 

25 

Acetate 

0.25 

0.50 

0.75 

33 

Acetate 

0.25 

1.00 

1.25 

25 

R-51 

0.2  5 

1.00 

1.25 

33 

R-51 

0.40 

0.60 

1.00 

25 

Acetate 

0.40 

0.60 

1.00 

33 

Acetate 

0.50 

1.50 

2.00 

25 

R-51 

0.50 

1.50 

2.00 

33 

R-51 

0.8 

1.20 

2.00 

25 

Acetate 

0.8 

1.20 

2.00 

33 

Acetate 

0.8 

1.20 

2.00 

25 

R-51 

0.8 

1.20 

2.00 

33 

R-51 

0.8 

0.00 

0.80 

25 

Acetate 

0.15 

0.00 

0.15 

25 

Acetate 

* 

For  acetate  buffer  refer  to  Figure  7. 
For  Rr-51  buffer  refer  to  Figure  10. 


- 10?  - 


Table  20  - Extension 

Absorbance 

I2 

* 

' 12' 
ppm 

Absorbance 
■ *2  * r 

X2  * r* 
ppm 

By  Difference 
I",  ppm 

0.086 

0.2  5 

0.257 

0.75 

0.50 

0.089 

0.26 

0.258 

0.75 

0.49 

0.082 

0.25 

0.412 

1.24 

0.99 

0.090 

0.27 

0.407 

1.23 

0.96 

0.128 

0.40 

O.35O 

1.02 

0.62 

O.I33 

0.41 

O.34& 

1.01 

0.60 

0.160 

0.48 

0.705 

2.02 

1.58 

0.162 

0.49 

0.700 

2.00 

1.51 

0.274 

0.80 

0.695 

1.98 

1.18 

0.275 

0.80 

0.709 

2.04 

1.24 

0.26  A 

0.80 

0.670 

1.95 

1.15 

0.265 

0.80 

0.680 

1.98 

1.18 

0.273 

0.80 

0.276 

0.81 

0.01 

0.050 

0.15 

O.O52 

0.15 

0.00 
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elemental  I system.  This  finding  is  confirmed  by  the  last  two  tests 
presented  in  Table  20  in  which  samples  containing  an  iodine  residual 
only  show  no  significant  increase  in  absorbance  in  a test  for  total 
iodine-iodide  residuals . 

The  oxidation  of  iodide  may  be  represented  by  the  following 
equation: 

HSO^"  + 21”  + 2H+  = I2  + HSO^"  + H20  (34.) 

where  the  stoichiometric  mole  ratio  of  HSO  ~ to  I”  is  one  to  two.  Cal- 

D 

culations  show  that  the  mole  ratio  HSC^  /i  in  the  colorimetric  test 
is  in  the  range  of  approximately  100/1  at  0.1  ppm  l“  to  2/1  at  4.0  ppm 
I . Calculations  and  data  presented  in  the  following  chapter  indicate 
the  upper  limit  of  the  method  as  proposed  so  far  may  be  about  6 ppm  total 
iodine-iodide  residual,.  However,  the  upper  limit  may  be  extended 
above  this  simply  by  increasing  the  quantities  of  reagents  added. 

Conclusions 

Iodide  ion  residuals  may  be  accurately  determined  by  an  oxidation 
with  potassium  peroxymonosulfate . Constituents  normally  present  in 
water  supplies  do  not  interfere  and  normal  pool  water  temperatures  have 
a negligible  effect.  The  presence  of  an  iodate  residual  and  a chloride 
ion  concentration  as  high  as  100  ppm  did  not  interfere. 

Method  for  Determining  Iodate  Ion 

Experimental  Plan 

Iodate  ion  is  normally  determined  by  the  well  known  oxidation 
of  iodide  to  iodine  in  a strongly  acid  medium  followed  by  titration  of 
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the  iodine  produced. 

H>3"  + 51"  + 6H+  = 3I2  + 3H20  (35) 

It  was  planned  to  evaluate  this  reaction  employing  dilute  re- 
actant concentrations  with  the  objective  of  determining  the  iodine 
produced  by  the  colorimetric  method  previously  developed.  The  variables 
to  be  studied  included  the  optimum  pH  of  reaction,  the  iodide  concen- 
tration, and  the  reaction  time  required  in  order  that  a quantitative 
yield  of  iodine  would  be  produced.  The  iodine  would  be  determined  in 
a colorimetric  procedure  and  the  absorbance  obtained  related  to  concen- 
tration of  iodate  initially  present. 

Procedure 

A standard  iodate  solution  was  prepared  by  dissolving  reagent 

grade  KIO^  in  distilled  water  to  contain  0.40  mg/ml  of  iodate  ion. 

According  to  equation  (35)*  a minimum  iodide  ion  concentration  of  0.73 

ppm  would  be  required.  However,  in  macro  determination  methods  a large 

excess  of  iodide  is  added  to  insure  that  the  reaction  goes  to  com- 

19 

pletion.  In  a previous  study  7 it  had  been  found  that  up  to  30  ppm  I~ 
did  not  interfere  in  the  determination  of  iodine  when  0.5  ml  of  mixed 
indicator  was  employed  for  a 50  ml  sample.  Also,  it  was  shown  that  by 
increasing  the  quantity  of  HgCl^  added,  iodide  concentrations  above 
30  ppm  did  not  interfere.  It  was  decided  to  use  an  iodide  ion  concen- 
tration of  30  ppm  as  a starting  point  and  to  add  1.0  ml  of  mixed  indi- 
cator to  a 50  ml  sample. 

In  the  first  study,  the  pH  of  the  reaction  was  varied  by  adding 
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different  quantities  of  a 1 N H2S0^  solution  to  50  ml  samples  contain- 
ing the  desired  iodate  and  iodide  concentrations.  A reaction  time  of 
five  minutes  was  allowed  as  this  seemed  to  be  the  generally  accepted 
time  for  this  procedure.  After  five  minutes,  acetate  buffer,  pH  4.0, 
was  added  and  the  quantity  required  to  adjust  to  pH  4.0  was  recorded. 
The  sample  was  then  diluted  to  100  ml  and  the  absorbance  measured  at 
592  mfi.  The  results  of  this  first  study  are  shown  in  Table  21.  The 
results  clearly  indicate  that  at  pH  values  of  1.7  and  below  consistent 
results  were  obtained  which  gave,  within  experimental  error,  complete 
recovery  of  iodine. 

Taking  as  a standard  procedure  the  addition  of  1. 5 ml  of  1 N 
H2S°4  t0  produce  a reaction  PH  of  1.5,  the  quantity  of  added  iodide  ion 
and  the  reaction  time  were  varied.  The  results  are  shown  in  Table  22, 
and  show  that  reproducible  results  are  obtained  when  the  iodide  concen- 
tration is  in  the  range  of  30  ppm  to  50  Ppm  with  a minimum  reaction 
time  of  three  minutes.  When  the  concentration  of  iodide  ion  exceeded 
50  ppm,  a red  colloidal  suspension  was  produced  on  the  addition  of  the 
mixed  indicator  resulting  in  a decrease  in  color,  i.e.  absorbance  of 
the  sample. 

For  a standard  procedure,  an  iodate  solution  containing  about 
40  ppm  of  iodide  ion  was  chosen,  and  a reaction  time  of  three  minutes 
was  used.  A solution  of  potassium  iodide  was  prepared  such  that  the 
addition  of  0.5  ml  to  a 50  ml  sample  would  provide  an  iodide  concen- 
tration of  about  40  ppm. 

One-liter  portions  of  solutions  of  iodate  in  distilled  water 
1 


Effect  of  Reaction  pH  on  the  Determination  of  Iodate  Ion 
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Table  22 

Effect  of  Iodide  Concentration  and  Reaction  Time  on  the 
Determination  of  Iodate  Ion 


10/ 

ppm 

Added  l“ 
ppm 

Theoretical 
I2,  ppm 

Reaction 
Time,  Min. 

Absorbance 

I 2 Recovered 
ppm 

0.2 

5 

0.86 

5.0 

0.123 

0.37 

0.2 

10 

0.86 

5.0 

0.182 

0.55 

0.2 

20 

0.86 

5.0 

0.253 

0.73 

0.2 

25 

0.86 

5.0 

0.285 

0.82 

0.2 

30 

0.86 

5.0 

0.291 

0.85 

0.2 

35 

0.86 

5.0 

0.288 

0.84 

0.2 

40 

0.86 

5.0 

0.289 

0.84 

0.2 

^5 

0.86 

' 5.0 

0.285 

O.83 

0.2 

50 

0.86 

5.0 

0.288 

0.84 

0.2 

55 

0.86 

5.0 

0.280 

0.81 

0.2 

60 

0.86 

5.0 

0.260 

0.75 

0.2 

70 

0.86 

5.0 

0.240 

* 

0.70 

0.2 

70 

0.86 

5.0 

0.291 

** 

0.85 

0.2 

40 

0.86 

0.5 

0.232 

0.67 

0.2 

40 

0.86 

1.0 

0.271 

0.79 

0.2 

40 

0.86 

2.0 

0.280 

0.81 

0.2 

40 

0.86 

3.0 

0.287 

0.84 

0.2 

40 

0.86 

4.o 

0.289 

0.84 

0.2 

40 

0.86 

6.0 

0.291 

0.85 

0.2 

40 

0.86 

8.0 

0.282 

0.82 

* 

Formation  of  colloidal  suspension. 

Clear  solution  - added  one  drop  of  a saturated  HgCl2  solution 
before  addition  of  mixed  indicator. 


- H3  - 


were  prepared  containing  from  0.10  ppm  to  0.50  ppm  of  iodate  ion. 

Fifty  ml  samples  of  these  solutions  were  treated  as  follows. 

0.5  ml  of  KI  solution  (5g'Kl/l) 

1.5  ml  of  IN  H SO. 

2 Hr 

Let  stand  three  minutes 

3.0  ml  of  acetate  buffer,  pH  4.0 

1.0  ml  of  mixed  indicator 

Dilute  to  100  ml  and  read  absorbance  at  592  mu.  The  results 
are  listed  in  Table  23  snd  a standard  iodate  absorption  curve  is  shown 
in  Figure  16. 

There  appears  to  be  incomplete  recovery  of  iodine  at  the  higher 
iodate  ion  concentrations,  but  at  these  higher  concentrations,  the 
difference  is  of  little  significance. 

Figure  16  shows  that  Beer's  law  is  followed  in  the  concentration 
range  investigated.  Since  each  iodate  ion  releases  six  atoms  of  free 
iodine,  the  absorbance  of  solutions  produced  by  an  iodate  concentration 
above  0.5  ppm  is  so  great  that  it  is  difficult  to  obtain  an  accurate 
reading.  In  practice,  smaller  samples  would  be  used  and  diluted  with 
distilled  water. 

As  a final  test,  known  amounts  of  iodine  and  of  iodide  and 
iodate  ions  were  added  to  a sample  of  well  water  and  analyzed  by  the 
proposed  methods.  The  temperature  was  elevated  for  some  samples  to 
determine  its  effect.  Iodine  and  total  iodine-iodide  residuals  were 
determined  as  previously  described.  The  procedures  for  determining 
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Table  23 

Determination  of  Iodate  Ion 


I03‘ 

ppm 

Theoretical 
I2»  PPm 

Absorbance 

I 2 Recovered 
ppm 

0.1 

0.42 

0.145 

0.43 

0.1 

0.42 

0.147 

0.43 

0.2 

0.86 

0.290 

0.84 

0.2 

0.86 

0.285 

0.84 

0.3 

1.30 

0.435 

1.24 

0.3 

1.30 

0.432 

1.24 

O.35 

1.52 

0.510 

1.47 

O.35 

1.52 

0.515 

1.48 

0.50 

2.17 

0.715 

2.06 

0.50 

2.17 

0.718 

2.06 

iodate  ion  were  then  carried  out  on  a fresh  sample  and  the  absorbance 
obtained  was  taken  to  be  the  sum  of  that  due  to  the  initial  iodine  and 
the  iodine  produced  by  iodate  oxidation.  The  absorbance  due  to  iodate 

was  found  by  difference  and  the  iodate  residual  determined  from  Figure 
16.  The  results  are  shown  in  Table  24. 

Discussion  of  Results 

An  inspection  of  Table  24  shows  that  all  three  forms  of  iodine 
may  be  accurately  determined  by  the  methods  proposed.  No  interference 


Absorbance 
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Fig.  16  - Standard  Iodate  Absorption  Curve. 
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Table  24 

Determination  of  Iodine,  Iodide,  and  Iodate  Residuals 

in  Well  Water 


Initial  I_ 
ppm 

Initial  i” 
ppm 

Initial  10  " 
ppm  ^ 

Temp. 

°c. 

Absorbance 

*2 

pjm 

0,20 

1.0 

0.20 

25 

O.O63 

0.19 

0,30 

0.8 

0.30 

25 

0.102 

0.30 

O.3O 

0.8 

O.3O 

31 

0.103 

O.3O 

0.40 

1.0 

O.3O 

25 

O.I32 

0.40 

0.40 

1.0 

O.3O 

32 

0.130 

0.39 

0.60 

1.0 

0.10 

25 

0.203 

0.60 

0.60 

1.0 

0.10 

33 

0.205 

0.61 
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Table  24  - Extension 


Absorbance 
I2  + I" 


I2  + I_  1 
PPm  , 


. ppm 


Absorbance 
Z2  + I03' 


Absorbance  10  ‘ 

due  to  I0^~  ppjrf 


0.428 


1.25 


0.388 

1.14 

0.386 

1.10 

0.475 

1.37 

0.481 

1.39 

O.56I 

1.62 

0.570 

I.63 

1.04  O.358 

0.84  O.526 

0.80  O.53O 

0.97  O.572 

1.00  0.577 

0.358 
0.350 


0.295  0.22 
0.424  0.29 
0.427  0.29 
0.440  0.31 
0.44 7 0.32 
0.155  0.12 
0.145 


1.02 


0.11 
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was  found  from  constituents  normally  present  in  a water  supply  and 
temperatures  as  high  as  330  had  a negligible  effect  on  the  results. 

Tne  formation  of  a colloidal  suspension  with  a high  iodide  con. 


centration  in  the  iodate  method  is  probably  due  to  a near  complete 

complexation  of  the  Hg(II)  ions  present  as  Hgl^2-,  with  excess  iodide 

ions  forming  the  very  highly  insoluble  mercuric  iodide,  Hgl  K = 
-29  0 6 2*  sp 

3.2  x 10  at  25  C.  Evidence  for  this  assumption  is  that  additional 

HgCl2  added  to  this  system  prevents  formation  of  the  colloid,  i.e. 

precipitate,  by  complexation  of  the  excess  iodide  ions. 


Conclusions 

A method  has  been  developed  for  the  colorimetric  determination 
of  the  iodate  ion  based  upon  the  ability  of  iodate  to  oxidize  iodide, 
in  acid  medium,  to  elemental  iodine.  Excellent  stoichiometric  recovery 
of  iodine  is  possible  and  the  absorbance  of  the  final  solution  follows 
Beer’s  law  with  respect  to  iodate  concentration.  Since  each  iodate  ion 
releases  six  atoms  of  elemental  iodine,  the  method  is  especially 
sensitive  to  very  dilute  concentrations  of  iodate. 


VI.  CHEMICAL  KINETICS  AND  MECHANISM  OF  REACTION 
Introduction 

It  has  been  observed  that  leuco  crystal  violet,  in  the  absence 
of  mercuric  chloride,  is  oxidized  by  aqueous  iodine  at  a fairly  slow 
rate.  In  an  attempt  to  gain  an  insight  into  the  path  and  possibly 
mechanism  of  the  reaction,  studies  were  performed  in  which  the  rate  of 
reaction  was  measured  as  a function  of  reactant  concentration,  iodide 
ion  concentration,  and  temperature. 

Experimental  Plan 

A Beckman  DU  spectrophotometer  was  modified  to  accommodate  a 3 cm 
by  3 cm  square  glass  cell  in  which  a small  magnetic  stirring  bar  could 
be  placed  to  produce  mixing  at  constant  rate.  A schematic  diagram  of 
the  experimental  arrangement  of  equipment  is  shown  in  Figure  17.  To 
control  the  temperature,  thermospacers  were  used  through  which  water, 
maintained  at  the  desired  temperature,  was  circulated  from  a thermo- 
statically controlled  bath. 

With  the  spectrophotometer  adjusted  to  read  zero  absorbance  on  a 
buffered  iodine  solution,  an  indicator  solution  was  added  and  absorbance 
values  measured  as  a function  of  time. 

Preparation  of  Standard  Curve 

A standard  absorbance  curve  employing  the  3 cm  cell  was  prepared 
as  follows s 
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Fig»  1?  - Modifications  to  Cell  Compartment  of  Beckman  DU  Spectrophotometer  for  Kinetic  Studies 
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Forty  ml  of  an  iodine  solution  of  known  concentration  was  placed 
in  the  3 cm  cell  containing  a magnetic  stirring  bar,  and  the  cell  placed 
in  the  spectrophotometer • A magnetic  stirrer  under  the  cell  compartment 
was  adjusted  to  provide  slow  and  uniform  agitation.  With  the  compart- 
ment lid  in  place,  0.4  ml  of  acetate  buffer,  pH  4.0  was  added  through  a 
small  hole  in  the  lid.  The  opening  was  sealed  and  the  spectrophotometer 
adjusted  to  read  zero  absorbance.  Next,  0.40  ml  of  the  mixed  indicator 
■was  added,  the  opening  sealed,  and  the  absorbance  value  obtained.  This 
was  repeated  with  several  iodine  solutions  of  known  and  different  concen- 

t rations.  The  absorbance  values  were  plotted  against  iodine  concentra- 
tions, corrected  for  the  small  volume  change  on  reagent  addition,  and 
the  results  are  shown  in  Figure  18.  Efforts  to  time  this  reaction  with 
the  mixed  indicator  proved  futile  as  the  final  absorbance  value  was  ob- 
tained in  less  than  10  seconds,  the  minimum  time  required  to  add  the 
indicator  and  read  the  absorbance. 

Procedure 

An  indicator  solution  was  prepared  by  dissolving  1.0  g of  4,4', 

4"  Methylidynetris (N ,N ,-dimethylaniline)  in  a liter  of  distilled  water 
to  which  had  been  added  six  ml  of  ?0  percent  perchloric  acid. 

The  acetate  buffer,  pH  4.0  as  described  previously  was  employed 
in  this  study. 

The  iodine  solution  was  prepared  from  a stock  elemental  iodine 
solution  as  described  previously  and  adjusted  to  within  t 0.1°C  of  the 
desired  temperature.  The  3 cm  cell  containing  40  ml  of  the  iodine  solu- 
tion was  placed  in  the  cell  compartment,  0.4  ml  acetate  buffer,  pH  4.0 
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Fig*  18  - Standard  Iodine  Absorption  Curve  Employing 
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added,  and  the  spectrophotometer  adjusted  to  zero  absorbance.  Next, 

0.40  ml  of  the  indicator  solution  was  added  through  the  amai i opening 
in  the  lid,  and  a stopwatch  was  started  when  the  indicator  solution  was 
first  added.  The  opening  was  quickly  sealed  and  the  absorbance  was 
measured  as  a function  of  time. 

Rate  of  Reaction  as  a Function  of  Iodine  Concentration 

The  absorbance  values  as  a function  of  time  were  obtained  on 
solutions  containing  iodine  in  the  concentration  range  of  7.1  x 10“^ 
moles/liter  (0.18  ppm)  to  3.?4  x 10”6  moles /liter  (0.95  ppm).  The  sample 
temperature  was  maintained  at  19.0  t 0.1°C  as  better  temperature  control 
was  obtained  in  this  range  rather  than  at  normal  room  temperature.  From 
these  data,  absorbance  values  were  obtained  at  regular  time  intervals 
and,  from  Figure  18,  the  concentrations  of  the  readtaitt,  iodine,  were 
obtained  and  the  results  are  shown  in  Table  25,  26  and  27. 

The  iodine  concentrations  were  plotted  against  time  as  shown  in 
Figure  19  and  in  an  effort  to  determine  if  first  order  kinetics  were 
obtained,  the  iodine  concentrations  were  plotted  against  time  on  semi- 
logarithm graph  paper  as  shown  in  Figure  20.  Inspection  of  Figure  20 
shows  that  first  order  kinetics  are  not  followed  as  the  reaction  proceeds. 

In  an  attempt  to  analyze  these  data,  the  differential  method  was 
employed.  In  this  method,  which  was  suggested  by  van't  Hoff,^-^  the 
actual  rates  of  reaction  are  determined  by  measuring  the  slopes  of  con- 
centration-time curves.  The  rate  of  the  reaction  may  be  related  to  the 
concentration  of  a reactant  by  the  equation 
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Table  25 

Kinetic  Data  for  Iodine  Systems  at  Concentrations  of 
3.74  x lO-o  m and  2.90  x 10”6  m. 


Initial  I_  Concentration  Initial  I9  Concentration 

3.74  xT.0-6  M . 2.90  xT.0-6  M 


Time 

Sec. 

Absor- 

bance 

I?  Reacted  Reactant(I?) 
moles /l  moles /l 

x 10-6  x 10-6 

Absor- 

bance 

I„  Reacted 
moles /l 
x 10-6 

Reactant (I 
moles /l 
x 10-6 

5 

0.090  \ 

0.35 

3.40 

O.O85 

O.33 

2.57 

10 

0.160  . 

0.62 

3.12 

0.140 

0.55 

2.35 

15 

0.210 

0.82 

2.92 

0.178 

0.69 

2.21 

20 

0.250 

0.97 

2.77 

0.215 

0.84 

2.06 

25 

0.284 

1.10 

2.64 

0.245 

0.95 

1.95 

30 

O.3I8 

1.24 

2.50  . 

0.270 

1.05 

I.85 

35 

0.342 

1.33 

2.41 

0.293 

1.14 

1.76 

40 

O.37O 

1.44 

2.30 

0.315 

1.23 

I.67 

50 

0.412 

1.60 

2.14 

0.350 

I.36 

1.54 

60 

0.452 

1.76 

1.92 

O.38O 

1.48 

1.42 

80 

0.510 

1.48 

1.76 

O.43O 

I.67 

1.23 

100 

0.562 

2.19 

1.55 

0 .467 

1.82 

1.08 

120 

0.608 

2.36 

I.38 

0.500 

1.94 

0.96 

1140 

0.640 

2.49 

1.25 

O.528 

2.06 

0.84 

160 

0.673 

2.61 

1.13 

180 

0.701 

2.72 

1.02 

200 

O.73O 

2.83 

0.91 

240 

0.770 

2.99 

0.75 

280 

0.804 

3.12 

0.52 
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Table  26 

Kinetic  Data  for  Iodine  Systems  at  Concentrations  of 
1.93  x 10-6  M ^ 1#19  x 10-6  M# 


10 

0.103 

0.40 

‘ 1.53 

15 

O.I35 

0.53 

1.40 

20 

0.160 

0.62 

1.31 

25 

0.182 

0.71 

1.22 

30 

0.200 

O.78 

1.15 

35 

0.217 

0.84 

1.09 

40 

0.234 

0.91 

1.02 

50 

0.260 

1.01 

0.92 

60 

0.281 

1.10 

O.83 

80 

O.3I6 

1.23 

0.70 

100 

0.342 

1.33 

0.60 

120 

0.364 

1.42 

0.51 

140 

O.382 

1.49 

0.44 

Initial  I_  Concentration 

1.19  xT-O-o  M 

I„  Reacted  Reactant(I-) 
Absor-  raoles/l  moles/l 

bance  x 10-6  x ]_o-° 


1.03 

0.92 

O.83 

0.76 

0.69 

0.65 

0.61 

0.57 

O.50 

0.45 

0.37 

O.32 

0.28 

0.25 


Initial  I_  Concentration 
1.93  x^0-p  M 

I„  Reacted  Reactant (I  ) 
Time  Absor-  moles/l  moles/l  ^ 
Sec.  bance  x 10“°  x 10-° 


5 0.064  0.25 


0.042 

0.16 

0.070 

0.27 

0.092 

O.36 

0.111 

0.43 

0.127 

0.50 

0.140 

0.54 

0.150 

0.58 

0.162 

0.62 

O.I77 

0.69 

0.190 

0.74 

0.210 

0.82 

0.225  O.87 
0.234  0.91 
0.240  0.94 


Time 

Sec* 

5 

10 

15 

20 

25 

30 

35 

40 

50 

60 

80 

100 

120 

140 
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Table  27 

Kinetic  Data  for  an  Iodine  System  at  a Concentration  of 

0*7  x 10-6  M. 


Initial  I„  Concentration 

0*71  x 10  ■ M 

I„  Reacted  , Reactant  (Ip) 

Absorbance  moles/l  x 10  moles/l  ^ 


0.021 

0.08 

O.O35 

O.I3 

0.046 

0.18 

0.056 

0.22 

O.O65 

' 0.25 

0.074 

0.29 

0.081 

0.31 

0.08  7 

0.34 

0.097 

O.38 

0.105 

0.41 

0.116 

0.45 

0.124 

0.48 

0.130 

0.51 

0.134 

O.52 

O.63 

0*58 

0*53 

0.49 

0.46 

0.42 

0.40 

0.37 

0.33 

0.30 

0.26 

0.23 

0.20 


0.19 


Iodine  - moles/liter  x 10 
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Fig*  19  - Iodine  Concentration  Versus  Time  for  Various  Initial  Iodine 
Concentrations  Showing  Line  of  Initial  Slope* 


Iodine  - moles/l  x 10 
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Fig.  20  - The  Logarithms  of  the  Iodine  Concentrations  are  Plotted  Against 
Time  to  Determine  if  First  Order  Kinetics  are  Followed. 
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v = kc11  (36) 

where  v = rate  of  reaction 
k = constant 

c = concentration  of  reactant 
n = order  of  reaction 

Taking  common  logarithms,  the  following  equation  is  obtained. 

log  v = log  k + m log  c (37) 

By  application  of  this  equation,  two  types  of  orders  may  be 
obtained.  The  first  of  these  orders,  nc,  is  the  order  with  respect  to 
concentration  or  true  order  and  was  obtained  by  first  determining  the 
initial  rates  at  various  initial  concentrations  from  the  slopes  of  tan- 
gents drawn  at  the  beginning  of  each  reaction.  The  tangent  lines  are 
drawn  in  Figure  19  and  the  calculated  initial  rates  of  reaction  for  the 
various  initial  iodine  concentrations  are  shown  in  Table  28.  The 
logarithms  of  the  initial  rates  were  plotted  against  the  logarithms  of 
the  initial  iodine  concentrations  as  shown  in  Figure  21.  A value  of 
0.93  was  obtained  for  nc  from  the  slope  of  this  line  indicating  a near 
first  order  with  respect  to  concentration. 

The  second  type  of  order,  nt,  is  the  order  with  respect  to  time 
and  was  obtained  by  considering  a single  run  and  measuring  the  slopes 
at  various  times  corresponding  to  a number  of  values  of  the  iodine  con- 
centration. This  was  done  on  all  the  runs  in  this  series  of  varying 
initial  iodine  concentrations,  as  shown  by  an  example  given  in  Figure 
22.  The  logarithms  of  the  rates  of  reaction  as  given  by  the  slopes  were 
plotted  against  the  logarithm  of  iodine  concentration  for  each  iodine 
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Table  28 

Initial  Concentrations  of  I?  and  HIO  and 
Initial  Rates  of  Reaction 


Initial 

Concentration  of  I0 

Initial  Rate  of  Reaction 

moles/l  x 

106  -log  Ci(I2) 

mole  l"^sec"^ 
x 108 

-log  rate^ 

3*74 

5.428 

9.23 

7.035 

2.90 

5.538 

7.22 

7.142 

1.93 

5.715 

5.01 

7.300 

1.19 

5.926 

3.38 

7.471 

0.71 

6.150 

1.98 

7.704 

concentration,  and  the  results  are  shown  in  Figures  23  through  27.  The 
method  of  least  squares  was  employed  in  determining  the  slopes  of  these 
lines  and  the  n^  values  obtained  are  shown  below  in  Table  29. 

Table  29 

Order  With  Respect  to  Time  Values  for  Various 
Initial  Iodine  Concentrations 


Initial  Iodine  Concentration, 
moles/l  x 10“ 6 


3.74 

2.90 

1.93 

1.19 


3.20 

2.64 

2.35 

2.14 
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Fig.  22  - Graphical  Method  for  Determining  Rates  of  Reaction  at  Various 
Iodine  Concentrations. 
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Fig.  23  - The  Logarithms  of  the  Rates  are  Plotted  Against  Iodine  Con- 
centrations for  the  Initial  Iodine  Concentration  of  3.74  x 10““M. 


-log  rate 
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Fig*  24  - The  Logarithms  of  the  Rates  are  Plotted  Against  Iodine  Concen- 
trations for  the  Initial  Iodine  Concentration  of  2*90  x lO^^M. 
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Fig*  25  “ The  Logarithms  of  the  Rates  are  Plotted  Against  Iodine  Concen- 
trations for  the  Initial  Iodine  Concentration  of  1*93  x 10“%. 


-log  rate 
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-log  rate 
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Fig.  27  - The  logarithms  of  the  Rates  are  Plotted  Against  Iodine  Cone  a 
trations  for  the  Initial  Iodine  Concentrations  of  O.71  x 10”1 
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The  values  for  all  runs  were  larger  than  the  nQ  value  of  0.93 

and  indicate  that,  as  the  reaction  proceeds,  the  rate  falls  off  more 

rapidly  than  it  would  if  the  true  order,  n , applied  to  the  time 

c 

course  of  the  reaction.  This  large  decrease  in  the  rate  implies  that 
some  intermediate  in  the  reaction  or  a reaction  product  is  acting  as 
an  inhibitor.  The  study  which  follows  shows  that  the  iodide  ion  itself 
acts  as  such  an  inhibitor. 

Effect  of  Iodide  Ion  Concentration  on  Rate  of  Reaction 

The  effect  of  the  iodide  ion  concentration  was  demonstrated 
by  a series  of  run3  in  which  the  initial  iodine  concentration  was  held 
constant  at  1.97  x 10“^  moles/l  (0.50  ppm)  while  the  added  initial 
iodide  ion  concentration  was  varied  from  zero  to  3.94  x 10”^  moles/l 
(0  to  5.0  ppm).  From  the  absorbance  values  the  reactant,  iodine,  con- 
centration was  obtained  as  a function  of  time  and  the  results  are  shown 
graphically  in  Figure  28.  As  the  iodide  ion  concentration  is  increased 
the  rate  of  reaction  falls  off  rapidly  indicating  a definite  inhibitory 
effect  of  the  iodide  ion.  As  described  previously,  the  differential 
method  was  applied  to  these  systems  to  determine  the  order  with  respect 
to  iodide  ion  concentration.  The  logarithms  of  the  initial  rates  are 
plotted  against  the  logarithms  of  the  corresponding  initial  iodide  ion 
concentrations  as  shown  in  Figure  29.  A straight  line  was  not  obtained 
indicating  that  the  order  with  respect  to  iodide  concentration  changes 
as  the  iodide  concentration  changes.  Since  the  iodide  concentration  is 
constantly  changing  as  the  iodine  is  reduced,  considerable  complexity 
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Time,  seoonds 
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Fig*  28  - Time-Reactant  Concentration  Curves  for  Varying  Initial  Iodide 
Ion  Concentrations  at  a Constant  Initial  Iodide  Concentration 
of  1.97  x 10-6  Moles/l. 
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-log  concentration,  iodide  ion 


Fig*  29  ~ The  Logarithm  of  the  Iodide  Concentration  is  Plotted  Against 
the  Logarithm  of  the  Initial  Rate  of  Reaction  for  an  Iodine 
Concentration  of  1.97  x 10“°M. 
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exists  in  the  reaction  process. 

Efforts  were  made  to  fit  the  data  obtained  to  some  form  of  rate 
equation  as  given  by  the  methods  of  integration  and  by  empirical  forms 
derived  from  the  data  but  no  specific  equation  could  be  derived  that 
fit  all  of  the  data.  In  these  attempts,  the  indicator  was  considered 
to  be  present  in  large  excess  of  the  other  reactants  but  calculations 
indicate  that  a significant  change  in  indicator  concentration  may  occur, 
For  example,  the  initial  indicator  concentration  is  calculated  to  be 
2. 6 x 10  moles/l  and,  considering  a two  electron  change,  the  final 
indicator  concentration  in  the  highest  iodine  concentration  (3.74  x 

10’6mDles/l)  would  be  2.20  x 10'5  moles/l  or  a change  of  approximately 
18  percent. 

As  demonstrated  in  the  following  section,  the  oxidation  of  the 
indicator  is  probably  brought  about  entirely  by  hypoiodous  acid,  HIO. 

In  this  case  the  overall  reactions  involved  are  postulated  as  occurring 
in  two  steps  as  shown  below. 

I2  + H20^:  HIO  + 1“  + H+  (7) 

HIO  + H(J)  = (j)+  + I"  + HO  (8) 

colorless  ^ 

colored 

It  is  assumed  that  equilibrium  in  equation  (7)  is  reached  very 
rapidly  so  that  as  the  HIO  concentration  is  reduced,  the  corresponding 
increase  in  iodide  concentration  would  increasingly  oppose  further 
hydrolysis  of  I2»  The  rate  of  formation  of  HIO  may  be  expressed  in  the 
following  rate  equation. 
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(38) 


where  x = concentration  of  HIO 

CQ  = initial  concentration  of  iodine 
[l”J=  concentration  of  iodide  ion 
= hydrolysis  rate  constant 
k_1  = rate  constant  for  formation  of  I 2 

dx 

^ = rate  of  change  of  HIO  concentration, 
dx 

At  equilibrium  = 0 but  since  the  HIO  is  being  removed  by 
reduction,  exact  equilibrium  conditions  are  approached  only  as  the 

dx 

reaction  proceeds  so  that  ~ has  a finite  value. 

It  is  possible  that  equation  (8)  also  approaches  an  equilibrium 
condition  in  which  case  the  following  rate  equation  would  apply. 


dt  = k2(x)(Z-z)  - k_2  [z][l“J  (39) 

where  z = concentration  of  <J>+ 

i 

x = concentration  of  HIO 
Z = initial  concentration  of  <j)H 

kg  and  k_2  = rate  constants  for  the  forward  and  reverse 
reactions  respectively 

If  the  reasonable  assumption  is  made  that  ~ = ^7.  that  is  that 

dt  dt 

the  rate  of  production  is  equal  to  its  rate  of  disappearance,  then  the 
two  equations  may  be  combined  as  follows. 


dt  “ 2 + k2(x)(z-z)  “ f1”]  k_i(x)  [H+]+  k„2  W 


(^) 
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The  effect  of  the  iodide  ion  may  be  seen  as  reducing  the  overall 
rate  by  a summation  of  two  factors , the  opposing  reaction  in  the 
hydrolysis  of  I2  and  the  opposing  effect  on  the  oxidation  of  the  indi- 
cator. The  word  “effect"  is  used  in  the  latter  factor  as  equation  (8) 
is  not  a reversible  one  in  the  ordinary  thermodynamic  meaning.  The 
'bpposing  effect"  in  this  sense  is  the  reduction  in  the  potential  of  the 
HEO  - I couple  so  that  further  oxidation  of  the  indicator  will  not 
occur.  For  this  reason  the  rate  constant  k 2 is  an  "apparent"  rate 
constant  based  on  the  above  reasoning. 

Effect  of  Temperature  on  Rate  of  Reaction 

Kinetic  studies  were  performed  on  a solution  containing  an  iodine 
concentration  of  2.44  x 10  moles /l  (0.62  ppm)  at  three  different 
sample  temperatures.  The  tenqperatures  selected  were  11°C,  19°C,  and 
30.1°C,  and  the  results  are  tabulated  in  Table  30  and  shown  graphically 
in  Figure  30.  Previously,  it  was  found  that  the  initial  rate  was  near 
first  order  with  respect  to  the  concentration  of  iodine.  Assuming  an 
initial  first  order  reaction,  the  rate  equation  may  be  expressed  as 
follows : 

” dt  = kc  (*1) 

where  c = concentration  of  reactant, 
t = time 

k = rate  constant 
dc 

“[£  = rate  of  decrease  in  concentration  with  time. 

Rearranging  and  integrating 
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constant 
2. 303 


log  c = 


-k 

2.303 


t - 


(^3) 


Thus,  if  log  c is  plotted  versus  t,  a straight  line  is  obtained 
whose  slope  is  -k/2.303.  The  logarithm  of  the  concentration  of  iodine 
was  plotted  as  a function  of  time  as  shown  in  Figure  31.  The  initial 
slopes  at  each  temperature  were  obtained  and  the  rate  constants,  k, 
were  calculated.  The  results  are  shown  below  in  Table  31. 


Table  31 

Rate  Constants  as  a Function  of  Temperature 


Tgnp. 

Initial 

Slope 

k_  -1 
sec. 

-log  k 

1^T  x 103 

30.1 

0.250 

O.576O 

0.9230 

3000 

19.0 

O.OIO3 

0.0237 

1.6555 

3.^25 

11.0 

0.0029 

0.00668 

2.1690 

3.520 

The  rate  constant,  k,  was  related  to  the  energy  of  activation, 
Ha  in  the  following  equation  proposed  by  Arrhenius  in  1889. 

^ ~ se  “85  (44) 

where  k = rate  constant 

s = a constant 
e = 2.718 


AHa  = energy  of  activation 


-log  concentration,  iodine 
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Figo  “ The  Logarithms  of  the  Iodine  Concentrations  are  Plotted 
Against  Time  of  Reaction. 
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R = molar  gas  constant 
T = absolute  temperature 
Taking  logarithms  of  both  sides: 

log  k = 2.3O3RT  + log  s (^5) 


Thus,  if  log  k is  plotted  versus  ^/T,  a.' straight  line  is 
obtained  in  which: 

A Ha 


slope  = 


2.3O3R 


(46) 


This  was  done  using  the  results  shown  previously  in  Table  31, 
and  the  line  obtained  is  shown  in  Figure  32.  The  slope  was  found  to  be 
-5.68  x 10J  and  using  equation  (46)  an  apparent  initial  energy  of 
activation  was  calculated  to  be  26  Kcal/mole. 


Determination  of  Reactive  Iodine  Species 


The  oxidation  of  leuco  crystal  violet  may  be  brought  about  by 
one  of  both  of  the  following  electrode  couples. 

I2  + 2e”  =21"  E°  = O.536  v.  (30) 

HIO  + H+  +■  2e"  = I"  + H20  E°  = O.99  v.  (31) 

Since  the  HIO-I  couple  has  the  highest  potential,  it  might  be  expected 
to  be  the  primary  oxidant  and  the  data  presented  below  indicate  that 
this  is  so. 

Experimental 

A solution  of  hypoiodous  acid  was  prepared  by  successive  dilution 
of  accurately  standardized  and  stabilized  solutions  of  KE  and  Cl2  in 
highest  purity  demineralized  water  such  that  the  working  solution 
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Fig*  32  - The  Slope  of  the  Line  Resulting  from  a Plot  of  log  k vs  the  Reciprocal  of  the  Tempera- 
ture is  Proportional  toAHa,  the  Energy  of  Activation. 
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contained  0.286  mg/l  of  KE  and  0.16  mg/l  of  Cl  . The  solution  should 

-6 

contain  2.2  x 10  moles/l  (O.32  ppm)  of  HIO  equivalent  to  O.56  mg  of 
1 2 ^)ase<i  on  the  following  reaction. 

I"  + Cl2  + H20  = HIO  + 2C1"  + H+  (21) 

After  mixing  the  solution  was  analyzed  for  I2  and  found  to  contain  ? 
exactly  O.56  ppm.  Forty  ml  of  this  solution  in  the  3 cm  cell  was 
treated  as  described  previously  and  an  attempt  was  made  to  determine 
absorbance  values  as  a function  of  time. 

Results 

The  results  are  shown  graphically  in  Figure  33  and  show  an 
initial  rapid  rate  of  reaction  followed  by  a rapid  decrease  in  reaction 
rate.  Within  four  minutes  the  final  absorbance  had  stabilized  at  O.52O 

which  according  to  the  standard  absorbtion  curve  in  Figure  18  was 

-6 

equivalent  to  2. 3 x 10  moles/l  of  iodine.  The  initial  rapid  reaction 
rate  strongly  suggests  that  HIO  is  the  primary  oxidant  and  the  rapid 
decrease  in  rate  with  time  denotes  an  extreme  sensitivity  to  the  iodide 
concentration.  This  behavior  may  be  used  to  explain  the  large  N,  values 
obtained  with  iodine  solutions  in  that  the  large  increase  in  iodide  ion 
concentrations  produced  as  the  reaction  proceeds  retards  both  the 
hydrolysis  of  I2  and  the  oxidation  potential  of  the  HIO  - l“  couple. 
Also,  the  use  of  HgCl2  would  be  expected  to  complex  the  iodide  ion 
resulting  in  near  complete  hydrolysis  of  I2  and  the  production  of  an 
HIO  solution. 

The  result  would  be  the  experimentally  observed  very  rapid  and 
complete  oxidation  of  leuco  crystal  violet. 
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Fig.  33  - Absorbance  Versus  Time  for  a Solution  Containing  an  HIO  Concentration  of 
2.22  x 10“6  Holes /l. 
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Effect  of  Mercury  (II)  Chloride 


The  presence  of  the  mercury  (II)  ion  in  an  iodine  solution  would 
be  expected  to  result  in  the  formation  of  the  highly  stable  mercury 

p 

tetraiodo  (II)  ion,  Hgl^-  with  the  very  small  K dissociation  constant 


of  10 


r 31 


r**l  [r]  4 

[*  I,'2] 


The  result  would  be  a rapid  rate  of  hydrolysis  of  I2  with  the 
corresponding  formation  of  an  HIO  solution.  The  HIO  on  reduction  would 
produce  additional  iodide  ions  which  would  also  be  complexed  with 
mercury  (II)  ions  so  that  in  the  system  the  concentration  of  iodide  ion 
would  be  reduced  and  maintained  at  a very  low  level. 

For  example,  for  a system  containing  an  initial  iodide  concen- 
tration of  3*94  x 10  -*  moles /l  (5.0  ppm),  an  excess  concentration  of 
HgCl^  would  essentially  complex  all  of  the  iodide  ion.  In  that  case 

1 

from  equilibrium  (47) 

4 [Hgl4"2j  = [l“]  initial  = 3.94  x 10~5 

and 

[Hgl^2]  = 1 x 10"5 

It  was  found  for  this  iodide  concentration  and  1.97  x 10“^ 
moles/l  of  I2  that  a HgCl2  concentration  of  3 x 10“-*  moles/l  gave 
full  color  development.  In  the  above  iodide  system 

[Hg+2]  = 2 x 10"5 
and  from  equilibrium  (47) 
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Substituting 

IV]  *.  xl0-3i 

L J 2 x XT* 

[l“]  = 1.5  x lCf8 

It  has  been  found  that  a HgCl2  concentration  of  1.5  x 10"  5 moles /l 
did  not  produce  full  color  development.  By  the  previous  reasoning 

[r.l*.  i^i£!xl0-3i 

. l y 5 x io-6 
[r]  = 2.1  x io-8 

The  difference  in  iodide  concentration  is  hardly  significant 
and  the  above  treatment  is  overly  simplified.  The  hydrolysis  products 
of  the  mercury  (U)  ion  were  not  considered  and  the  following  reactions 
of  Hg  (II)  are  only  a few  of  those  reported  by  Carriers.10^ 

HgCl2  + H20  HgOHCl  + d“  + H+  k = 9.8  x 10"12  (46) 

2 HgCl+  + 2H20  HgOHCl  2 4-  H+  K = 1.25  x 10"8  (49) 

HgCl+  + H20z^  HgOHCl  + H+  K = 3.1  x 10"7  (50) 

It  was  observed  for  an  iodine  solution  with  an  iodide  ion  con- 
centration of  2.36  x 10"21  moles /l  (30  ppm)  that  a red  colloidal  suspen- 
sion was  obtained  upon  the  addition  of  the  mixed  indicator.  It  is 
estimated  that  following  addition  of  0.5  ml  of  the  mixed  Indi cat oro to 
a 50  ml  sample  a HgCl2  concentration  of  1.9  x 10_2+  moles/l  is  initially 
present.  This  concentration  of  HgCl2  would  theoretically  complex  iodide 
as  follows. 

[l“]  = 4 [Hg+2J  = 4 x 1.96  x 10"4  = 7.84  x 10"4 
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Considering  that  all  of  the  Hg  (II ) ions  are  not  available  for 
iodide  complexation,  it  is  reasonable  to  assume  that  the  iodide  ion 
concentration  is  in  excess  of  the  Hg  (II)  required  for  complexation 
and  that  the  very  insoluble. Hgl2  is  formed. 

Reaction  With  Chloramines 

Mercury  (II)  chloride,  in  addition  to  its  reaction  with  iodide 
ions,  also  serves  to  retard  the  oxidation  of  leuco  crystal  violet  by 
chloramines.  The  mercury  (II)  chloride  may  react  directly  with 
chloramine  resulting  in  a compound  or  complex  formation  with  a corres- 
ponding loss  of  oxidation  ability  by  the  reactive  chlorine  atom. 
Chloramines  are  formed  in  aqueous  solution  by  the  reaction  of  ammonia 
with  hypo chlorous  acid  as  follows: 

HOCL  + NH3  = NH2C1  + H20  (26) 

2H0C1  + NH3  = NHC12  + 2H20  (27) 

3H0C1  + NH3  = NC13  + 3H20  (28) 

According  to  Chapin,  ^ reaction  (26)  predominates  at  a pH  of 
8.5  while  reaction  (28)  takes  place  at  a pH  of  4.4  or  less.  Between 
these  two  extremes,  reaction  (27)  and  (28)  proceed  simultaneously  with 
equilibria  shifting  as  the  pH  is  changed  toward  either  extreme. 

Under  the  experimental  conditions  imposed  in  this  present  study, 
only  mono chloramines  were  formed  and  therefore  this  discussion  will  be 
limited  to  this  species  only. 

105 

Corbett  £t  al.  reported  that  mono  chloramine  hydrolyzes  as 


follows . 
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NH2  + H2°  — NH3  + H0C1  ^ = 2.8  x 10" 10  at  15°C  (51) 

Also  reported  was  a reaction  with  the  hydroxide  ion, 

NH2C1  + 0H"^NH3  + 0C1"  K'  = 1.6  x 10"3  at  15°C  (52) 

One  might  expect  in  neutral  or  basic  solution  that  HgCl2  would 
react  with  the  ammonia  produced  in  reactions  (51)  and  (52)  to  produce 
the  well  known  "infusible"  white  precipitate,  Hg  NH2C1,  or  "fusible" 
white  precipitate,  HgCl2» 2NH3«  In  acid  solution,  e.  g.  iodine  deter- 
mination at  pH  4.0,  the  mode  of  reaction  is  not  clear. 

Although  the  nitrogen  atom  in  mono  chloramine  has  three  bonds 
and  one  lone  pair  as  in  ammonia,  protonation  of  the  lone  pair  does  not 
occur  even  in  strongly  acid  solution.  This  may  be  explained  by  first 
assuming  that  the  electronegativity  of  the  chlorine  atom  in  the  +1 
valence  state  is  very  large.  There  would  be  a strong  attraction  of 
electrons  toward  the  chlorine  atom  along  the  N-Cl  bond  resulting  in  a 
stronger  binding  of  the  lone  pair  to  the  nitrogen.  This  would  effec- 
tively prevent  bond  formation  through  coordination  of  the  lone  pair. 

Corbett  et  al.  reported  that  NHgCl  in  dilute  aqueous  solution 

gives  an  absorption  peak  in  the  ultraviolet  region  at  2450  £ due  to  a 

* 

n-»-<7  transition.  It  was  decided  to  study  the  UV  spectra  of  dilute 
solutions  of  NHgCl  at  pH  4.0  with  and  without  the  presence  of  HgCl2  to 
determine  if  bond  formation  takes  place  through  coordination  of  the 
nitrogen  lone  pair.  If  this  occurs  then  the  resulting  complex  will 
contain  no  nonbonding  electron  and  the  n-^<3  transition  would  not  be 
observable. 

Experimental.  A Cary  14  spectrophotometer  (double  beam) 
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together  'with  10  cm  silica  sample  cells  were  used  to  determine  the 
spectra  in  the  wavelength  region  of  3900  2 to  1900  2. 

A solution  was  prepared  using  distilled  water  containing 
NH2C1  at  a concentration  of  3.9  x 10"  ^ moles/l  (2.0  ppm)  by  reacting 
stoichiometric  quantities  of  (NH^)- S0^  and  chlorine  solutions.  The 
pH  was  adjusted  to  pH  4.0  with  dilute  sulfuric  acid.  A solution  of 
HgCl2  was  prepared  such  that  1 ml  contained  I.56  x 10"6  moles  of 
HgCl2. 

Results.  The  first  spectra  determination  was  made  on  a dilute 
(NH4)2S04  solution  containing  2.0  ppm  as  (NH^SO^  adjusted  to  pH 
4.0  with  dilute  sulfuric  acid  against  distilled  water  to  determine 
if  any  excess  (NH^)2S0^  would  produce  interfering  absorption  bonds. 

No  absorption  was  obtained  in  the  spectral  region  of  39OO  2 to  1900  2. 
Run  No.  1. 

Blank:  Distilled  H20 
Sample:  NHgCl  . 3*9  x 10"^  moles/l 
A reproduction  of  the  spectrum  is  shown  in  Figure  34  and  shows 
an  absorbance  of  0.46  at  2050  2.  This  peak  shift  to  a shorter  wave- 
length than  that  reported  by  Corbett  et  aff^is  probably  due  to  the 
more  acid  conditions  employed  in  this  study. 

Run  No.  2 

Blank:  Distilled  water 
Sample:  HgCl2  - 3.9  x 10"^  moles/l 
This  spectrum  shown  in  Figure  35  shows  a strong  absorption 
peak  at  2000  2 with  an  absorbance  of  I.43. 


157 


158 


- 159  - 


Run  No.  3 

Blank:  Distilled  water 

Sample:  HgCl2  - 3,9  x 10"-5  moles /l 

NH2C1  - 3.9  x 10’5  moles/l 

This  spectrum  .shown  in  Figure  36,  shows  a large  increase  in 
absorbance  at  2000  £ with  the  absorption  band  covering  the  2050  £ 
region  of  NI^Cl  absorption. 

In  order  to  observe  the  region  around  2O5O  £,  a solution 
of  HgClg  was  used  as  the  blank  containing  the  same  molar  concentra- 
tion of  HgCl2  as  used  in  the  sample  mixture  of  HgCl2  and  NHgCl. 

Run  No.  4 

Blank:  HgCl2  - 3.9  x 10“5  moles/l 
Sample:  HgCl2  - 3,9  x 10“5  moles/l 
NH2C1  - 3.9  x 10"5  moles/l 

The  spectrum  shown  in  Figure  37  clearly  reveals  the  absorption 
peak  at  205o£  due  to  the  n transition  associated  with  the 
nitrogen  atom  in  NH2C1.  Also,  the  intensity  of  absorption  has  in- 
creased from  0.46  in  the  absence  of  HgCl2  to  O.67  in  the  presence  of 
HgCl2. 

The  molar  ratio  of  HgCl2  to  NH2C1  was  increased  from  l/l  to  5/1 
and  the  spectrum  determined  using  a blank  containing  an  equal  molar 
concentration  of  HgCl2»  Figure  38  reveals  the  n — a at  2050  £ 
with  an  increased  absorbance  of  O.75. 

The  spectra  were  determined  on  a mixture  of  equal  molar  con- 
centrations of  HgCl2  and  NH2C1  adjusted  to  pH  8.0  with  dilute  NaOH. 
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The  blank  was  again  an  equal  concentration  of  HgCl2.  The  spectrum 
shown  in  Figure  39  shows  no  peak  at  2050  £. 

Discussion  of  Results 

The  spectral  studies  indicate  that  no  bond  formation  takes 
place  between  HgCl2  and  NH2C1  through  coordination  of  the  lone  pair 
on  nitrogen.  The  increase  in  intensity  of  both  HgCl  and  NH,C1 
absorption  peaks  when  the  two  are  mixed  together  may  indicate  that 
a new  compound  or  complex  may  have  formed  possibly  through  a Cl-Hg 
bond.  The  compound  or  complex  formed  would  have  a decrease  in  symmetry 
compared  with  the  reactants  and  the  probability  of  a transition 
dipole  moment  would  be  increased  resulting  in  an  increase  in 
intensity  of  absorption. 
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